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A Note to the Student 


Chemistry deals with all of the substances that make up our environment. 
It also deals with the changes that take place in these substances — changes 
that make the difference between a cold and lifeless planet and one that 
teems with life and growth. Chemistry helps us understand and benefit 
from nature's wondrous ways. 

Chemistry is an important part of science. Since every phase of our 
daily life is affected by the fruits of scientific activity, everyone should 
know what scientific activity is, what it can do, and how it works. The 
study of chemistry will help you learn these things. 

CHEMISTRY— EXPERIMENTS AND PRINCIPLES presents chemistry as 
it is today. It does so with emphasis upon the most enjoyable part of chemistry 
— experimentation. A clear and valid picture of the steps by which scientists 
proceed is carefully presented and repeatedly used. Unifying principles 
are developed, with the laboratory work providing the basis for the develop- 
ment. The experimental theme is supported by a number of films to provide 
experimental evidence that is needed but not readily available In the class- 
room because of inherent danger or exp>ense. When you become familiar 
with these widely applicable principles, you no longer need to memorize 
innumerable chemical facts. To see these principles grow out of observa- 
tions you have made in the laboratory gives you a valid picture of how all 
scientific advances begin. It permits you to engage in scientific activity 
and to start becoming a scientist yourself. 

At the end of this course you won't know all of chemistry. You will know 
enough chemistry and enough about science to feel that the part you don't 
know is understandable, not mysterious. You will appreciate the great 
power of scientific methods and appreciate their limitations. You will have 
become practiced in making observations, in weighing facts, and in framing 
valid conclusions. You will have formed the habit of questioning and of 
seeking understanding rather than being satisfied with blind acceptance. 
You will be able to share in the excitement of science and feel the pleasure 
that comes with discovery. When you achieve these things, then you will 
have had a thorough introduction to science through chemistry- Nothing 
could be a more important part of your education at a time when science 
is molding our age. 




Preface 


The title, CHEMISTRY — EXPERIMENTS AND PRINCIPLES, emphasizes 
the theme of this book. A clear and valid picture of the steps by which 
scientists proceed is carefully presented and repeatedly used. Observations 
and measurements lead to the development of unifying principles and then 
these principles are used to interrelate diverse phenomena. 

The initial set of experiments and the first seven chapters provide a 
foundation for this course. The elements of scientific activity are immediately 
displayed, including the role of uncertainty. The atomic theory, the nature 
of matter in its various phases, chemical periodicity, and the mole concept 
are developed early. After presentation of the experimental evidence that 
led scientists to postulate different models for the atom (Chapters 8 and 9), 
eight chapters are devoted to the extraction of important chemical principles 
from relevant laboratory experience. The principles considered include 
energy, rate and equilibrium characteristics of chemical reactions, acid-base 
behavior, oxidation-reduction, and chemical bonding in gases, liquids, and 
solids. The book concludes with four chapters of descriptive chemistry 
(18-21) in which the applicability and worth of the principles developed 
earlier are seen again and again. 

This book shifts emphasis away from purely descriptive chemistry and 
toward chemical principles to represent properly the change that has taken 
place in chemistry over the last decades. Less obvious, but perhaps more 
important, is the systematic development of the relation between experiment 
and theory. Chemistry is gradually and logically unfolded, not presented 
as a collection of facts, dicta, and dogma. We hope to convey an awareness 
of the significance and capabilities of scientific activities that will help each 
future citizen assess calmly and wisely the growing impact of technological 
advances on his social environment. Finally, we have tried to achieve 
closer continuity of subject matter and pedagogy between high school 
and modern introductory college and university courses for those students 
who will continue their science training. 

This book follows the pace-setting work of the Chemical Education 
Material Study. That program, usually called CHEM Study, was one of the 
curriculum improvement projects supported by the National Science Founda- 
tion. This agency of our Federal Government provided support to the 
creative effort for three years (1960-63) during which time about 30 con- 
tributors produced three trial versions and a final set of materials. The 
contributors were drawn from across the United States and included, about 
equally, high school teachers and university professors, with industry also 



represented. All the professors had previously authored textbooks or research 
treatises. The material was modified by the experience gained in nearly 
500 high schools where the trial versions were used. The CHEM Study 
books and films hav - been generally available since 1 963 and they have 
earned a place in schools throughout the nation. Test results, just now 
becoming numerous enough for valid conclusion, suggest that CHEM 
Study pupils do better in selective college chemistry classes and are not 
at a disadvantage in regular ones. 

This book, with the accompanying Laboratory Manual, and the associated 
Teacher's Guides are first generation descendants from the CHEM Study 
project. As one of the authorized revisions of those materials, the present 
work reflects the talents and dedication of the original CHEM Study team. 
We are grateful for the opportunity to build on their outstanding effort. 

We have made changes. They are based on reactions from our students 
in high school, university, and teacher institute classes. The principal 
ones are 

—a completely rewritten text; modified to bring fundamental under- 
standing of bonding earlier in the course and to provide somewhat 
easier reading. 

—more descriptive material has been included in the chapters that develop 
chemical principles. 

—a completely reworked laboratory manual in which approximately 
one-fourth of the experiments are new ones. 

—the teacher's guide has been split into two parts: one for the text, one 
for the laboratory work. 

—all problems and exercises have been reconsidered and many new 
ones added. 

These changes are designed to facilitate learning by the beginner; to 
give him real understanding of the process by which new knowledge is 
gained ; to highlight the distinction between facts, interpretations, and proof; 
and, of course, to instill some chemical information in an easier way. 

P. R. O'Connor 
J. E. Davis, Jr. 
E. L. Haenisch 
W. K. MacNab 
A. L. McClellan 
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Chemistry: 
An Experimental Science 


What is the nature of science ? 
What is the nature of chemistry ? 


We shall develop the answers to these questions, not through 
words alone, but through experience. No one can completely convey 
through words the excitement of scientific discovery. We shall see 
the nature of science by engaging in scientific activity. We shall see 
the nature of chemistry by considering problems which interest 
chemists. 

Our starting point then will be the activities of science. We will 
perform these activities, beginning on familiar ground. On such 
ground, where you know the answer, you will best see the steps by 
which science advances. 


1 -1 The Activities of Science 

Every form of life interacts with its surroundings in one way or 
another. Some plants require bright direct sunlight for maximum 
growth. Other plants grow best in dim tight. Direct sunlight stunts 
their growth. Flower development in many plants depends on the 
number of daylight hours. Some plants develop flowers during the 
middle of the summer when there are more than twelve hours of 
daylight. Other plants flower only in the spring or the fall when 
there are fewer daylight hours. 

Birds and animals maintain constant body temperatures by bal- 
ancing heat gains and heat losses. Feathers and fur are important 
in retaining heat energy. When the colder temperatures of winter 
come, many birds migrate to warmer climates. Some animals grow 
a heavy coat of hair during the winter. Other animals like the chip- 
munk hibernate through the winter. The body temperature of the 
chipmunk drops during his long winter nap. The food requirements 
for the hibernating animal are much less than during his active period, 
the warm summer months. It is no coincidence that an animal hiber- 
nates during the months when food is most difficult to find. 

Man is aware of his*surroundings and responds in most complex 
ways. His eyesight and hearing warn him of dangers. He has 
learned by experience that certain plants are harmful to him and that 



Ail science is built upon the results 
of experiments. 


some poois of water would poison him. His highly developed brain 
has led him to control fire and to invent the wheel. Man is more 
curious than a kitten. His methods of communication far surpass the 
warning quack of a duck or the mating call of the moose. Man's 
intellect permits him to respond to his environment in many ways. 

He gathers information through observation. 

He organizes this information and looks for regularities. 

He wonders why the regularities exist. 

He communicates his findings to others. 

These are the basic activities of science. Observation is the 
starting point. Observation is most useful when the conditions which 
affect the observation are controlled carefully. A condition is con- 
trolled when it is fixed, known, and can be varied deliberately. An 
observation brought under control is called an experiment. All 
science is built upon the results of experiments. 

1 -2 Observation and Description 

Patience and practice are required to become a good observer. 
Consider an example from your own experience. Think how' much 
can be written about a burning candle I Of course, it takes careful 
observation, a careful experiment. This means the candle must be 
observed under controlled conditions. But, how do we know which 
conditions should be controlled ? Be ready for surprises ! Some- 
times the important conditions are hard to discover. Here are condi- 
tions that are important in some experiments but are not important 
in the candle experiment. 

The experiment is done on the second floor. 

The experiment is done in the daytime. 

The room lights are on. 

Here are conditions that might be important in the candle experiment. 

The lab bench is near an open door. 

The windows are open. 

You are standing close enough to the candle 
to breathe on it. 

Why are these conditions important ? They are important because 
they may change the result of the experiment. Do they have some- 
thing in common ? Yes, there Is the common factor that a candle 
does not operate well in a draft. Often, important conditions are not 
as easily recognized as these. A good experimentalist pays attention 
to the discovery of conditions that must be controlled. His success 
is often determined by his ability to control them. 

Review your own description of a burning candle and compare 
your essay with the one in Appendix 1 . How many of your observa- 
tions are included there? We see that the burning candle is a fasci- 
nating object when subjected to careful observation and detailed 
description. 



1-3 The Search for Regularities 

As the number of observations builds up, one of the first questions 
that arises is '"What regularities appear ?" The discovery of regularities 
permits simplification of the observations. Instead of each observa- 
tion standing alone, several observations can be classed together and 
can be used more effectively. 

There are pitfalls that exist in the search for regularities. The 
search is a meandering one, frequently taking wrong turns. In the 
explanations of the unknown not every step is an advance. Yet 
there is no other way to proceed except by taking steps. We can see 
how the search progresses in a fable. A story may help you see how 
a scientist searches for regularities. 

Fable: A LOST CHILD KEEPING WARM 

Once upon a time a small child became lost. Because the weather 
was cold, he gathered materials for a fire. He discovered that some 
of the things he brought back to his campfire burned and others did 
not. To avoid collecting objects that did not burn, the child made 
a list. 

Things That Bum Things That Do Not Burn 
Tree limbs Rocks 

Broom handles Marbles 

Pencils Paperweights 

Chair legs 
Flagpoles 

This list was very helpful to him. Soon, however, flagpoles and 
tree limbs and broom handles became scarce. The child looked for 
a regularity in his list to guide him to new objects that would burn. 
He thought of a generalization, a way to summarize the information 
on his list 

Cylindrical objects burn. 

The next day the child went looking for more material for his fire, 
but he forgot to bring along his list. However, he remembered his 
generalization. He brought back to his campfire a tree limb, a cane, 
and three baseball bats (successful predictions !). What's more, he 
reflected with pleasure, he had not bothered to carry back an auto- 
mobile radiator, a piece of chain, and a large door. There was no 
reason to expect these objects to burn since they were not 
cylindrical. 

The child became confident of his generalization. The next day 
he used his rule again. He returned to his camp heavily laden with 
three pieces of pipe, two ginger ale bottles, and the axle from an old 
car. He did not bother to carry back a large square box full of 
newspapers. 

During the long cold night that followed the child drew these 
conclusions : 



FIGURE 1-1A 
Making observations. 



FIGURE 1-1B 

Organizing infrxmation. 
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Cyhndncai objects ourn 


FIGURE 1-lC 
Seeking regularities. 


(1 ) The cylindrical shape df an object may not be related 
to whether it burns after all. 

(2) Even though the "cylindrical" rule is no longer useful, 
tree limbs, broom handles, pencils, and the other 
objects in the list do burn. 

Thinking about all of the things that he had collected for his fire, 
the child saw a new regularity. 

Wodden objects burn. 

What good is this rule in light of the earlier disappointment? 
Because of the rule the child went back to get the door he had 
passed up two days earlier. The rule told him not to bring back the 
chain, the automobile radiator, or the cardboard box full of news- 
papers. 

Don't think this fable is just child's play. It illustrates what science 
Is all about ! We make some observations, organize them, and seek 
regularities to aid us in the use of our knowledge. The regularities 
are stated as generalizations that lead us to ask "Why ?" The answers 
to "Why ?" questions are often analogies. Useful analogies are called 
theories. A theory is used as long as it agrees with the known facts 
of nature. A theory is used as long as it helps to systematize our 
knowledge. We can be sure that some day a number of our present 
scientific views will seem as foolish as the child's "cylindrical objects 
burn." Don't laugh at the child's slow progress. This child is be- 
having as a scientist. His faltering steps will lead him back to the 
box of newspapers. The same kind of steps led to the discovery of 
polio vaccine and to the propulsion of rockets to the moon. 


1 -4 Some Properties of Gases 

We will start to learn chemistry by considering some of the substances 
that might be found in a chemistry laboratory. On the gas cylinders 
in a chemical stockroom, we find the names ammonia, chlorine, 
hydrogen, oxygen, hydrogen chloride, nitric oxide, and nitrogen 
dioxide. Two of these gases can be distinguished by their color. 
Chlorine is greenish-yellow and nitrogen dioxide is reddish-brown. 
The other five gases are colorless. The colorless gases can be further 
sorted according to their solubilities in water. Figure 1 -2 shows what 
happens if a stoppered test tube full of each gas is opened with the 
mouth of the test tube under water. In the tubes containing ammonia 
and hydrogen chloride the water rises rapidly, filling the tubes. 
These two gases dissolve readily in water. In the other three test 
tubes the liquid levels rise only a little, showing that these gases are 
not very soluble in water. Ammonia and hydrogen chloride are color- 
less gases which dissolve readily in water. These two gases can be 
distinguished by their effect on the moistened dye, litmus. This dye 
turns red if It is placed in hydrogen chloride. The dye turns blue if 
it is placed in ammqnia. 






FIGURE 1 -2 Gases have different solubilities in water. 

We have not yet distinguished the gases nitric oxide, hydrogen, 
and oxygen. Nitric oxide has its own personality. Immediately upon 
exposure to air, this colorless gas becomes reddish-brown, exactly 
the color of nitrogen dioxide. Neither oxygen nor hydrogen behaves 
this way. 

Oxygen and hydrogen are readily distinguished by their combus- 
tion properties. When a glowing splint is plunged into oxygen, the 
spark bursts into flame. When a glowing splint is plunged into 
hydrogen, the spark is either extinguished or, if air has mixed with 
hydrogen, it produces a small explosion. 

Like the child in the fable, we can make a list of our observations 
on the behavior of these seven gases. Looking at Table 1-1 we 
notice some blank spaces. We did not carry out all of the experiments 
with each gas. However, it would be easy to tell one of these gases 
from another by making use of the observations in this table. 

While studying gases, we noticed that each gas seemed to fill its 
container, regardless of shape or size of the container. Any gas we 
may select has the property of expanding to fill its container. You 
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TABLE 1-1, 


Cross sectional srea 


1 err? 10 err? 100 err? 



FIGURE 1-3 

Three cylinders with 
different cross-sectional areas 


Top of 
atmosphere 


Height in 


1000 

900 

800 

700 

600 

500 

400 

300 

200 


100 


- Mercury 
pressure 
(760 mm) 


Air 

pressure 




FIGURE 1-4 

A barometer measures atmospheric pressure by 
balancing air pressure against mercury pressure 


Experiments and Observations on The Behavior of Seven Gases 


Gas 

Color 

Solubility 
in Water 

Color 
Change 
of Litmus 

Glowing Splint 
Test 

Chlorine 

greenish - 
yellow 


— 

— 

Nitrogen 

Dioxide 

reddish- 

brown 

— 

— 

— 

Ammonia 

colorless 

high 

red to blue 

— 

Hydrogen 

Chloride 

colorless 

high 

blue to red 

— 

Nitnc 

Oxide 

colorless 

low 


(Experiment cannot 
be carried out 

On contact with air,N 
nitric oxide forms a 
reddish-brown gas ) 

Oxygen 

colorless 

low 

— 

Spark bursts into 
flame 

Hydrogen 

colorless 

low 

- 

Spark goes out 


know this from your own experience If there is a gas leak in your 
kitchen stove, you can soon smell the gas every place in the room 
When you enter a bakery, the pleasant aroma of fresh-baked bread 
seems to be everywhere 

This property, expanding to fill a container, holds true for colored 
gases and for colorless ones, for those that dissolve readily in water, 
and for gases that have low solubility This regularity for gases is in 
marked contrast with what we find for liquids and solids A solid 
object has a definite shape and volume A liquid has a definite 
volume but flows to take the shape of its container Only a gas has 
the property of expanding to fill any container, regardless of its shape 
or volume All gases exhibit this regularity 

An important property of a gas is the pressure it exerts We have 
all had many experiences that help us understand what is meant by 
gas pressure If we inflate a car tire with air, the pressure in the tire 
increases The tire can now support the weight of the car If we 
drive up to the top of a mountain, the air pressure on our eardrums 
changes A scientist often measures the pressure of a gas by mea- 
suring the height of a mercury column supported by the gas 


EXERCISE 1-1 

Figure 1 -3 shows three cylinders with different cross-sectional areas, 
Mercury is poured into each of these cylinders until a depth of 1 0 0 cm 
is reached Calculate the pressure in grams/cm^ at the bottom of each 
cylinder The density of mercury is 1 3 5 grams/cm^ 
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1-5 Measurement of Gas Pressure 

Two conditions that often are important in chemicat experiments are 
temperature and pressure Both air temperature and pressure vary 
from day to day and from place to place Consequently, chemists 
usually control and measure these conditions In addition, it is useful 
to refer many experimental results to a standard set of temperature 
and pressure conditions The temperature 0*C* is easy to obtain with 
an ice water bath This temperature is one at which thermometers 
are calibrated A temperature that is easy to obtain and easy to 
measure makes a good standard temperature By international agree- 
ment, the value of 0®C has been accepted as the standard 
temperature for gas volumes 

Air pressure is measured with an instrument called a barometer. 
One IS illustrated in Figure 1 -4 A barometer can be made by filling 
a long closed tube with mercury and inverting the tube in a dish of 
mercury The mercury level in the tube drops until the mercury 
column exerts a downward pressure on the mercury in the dish which 
IS exactly balanced by the downward pressure of an air column 
which reaches from the mercury surface to the top of the earth's 
atmosphere Air pressure then can be expressed in terms of the 
height of the mercury column In this illustration the air pressure is 
760 millimeters of mercury 

By international agreement, a standard pressure of one atmo- 
sphere (/ atm) is represented by a height of 760 millimeters (mm) 
of mercury Chemists use both units, milUmeters of mercury and 
atmospheres, in reporting pressures. At times one unit is more 
convenient than the other There are many familiar examples where 
different units mean the same thing Sometimes we state the cost 
of something as fifty cents, but other times we may say half a dollar 
or "four bits " Athletes compete in the 880-yard or half-mile run. 

Chemists have accepted 0°C and one atmosphere pressure as con- 
venient standard conditions These conditions are called standard 
temperature and pressure and the abbreviation STP is used 

A device similar to a barometer can be used to measure the pres- 
sure of a gas This device is called a manometer. In the closed-end 
manometer. Figure 1 -5, there is a balance between the pressure of 
the gas in the flask and the downward pressure of the mercury 
column The gas pressure in the flask is 105 mm of mercury. Gas 
pressure is stated in terms of mercury height In the open-end manom- 
eter, Figure 1 -6, the external atmospheric pressure balances the sum 
of two pressures, that of the mercury column plus that of the gas 

gas pressure + mercury height = atmospheric pressure 

gas pressure * atmospheric pressure - mercury height 
gas pressure « 760 mm - 655 mm 
1 05 mm of mercury 

* 'C IS the symbol for temperature readings made on the Celsius tenrqjerature 
scale This scale was formerly referred to as the Centigrade scale 



FIGURE 1-5 
Closed-end manometer 


Gas inlet 



FIGURE 1-e 
Open-end manometer 







Gas pressure « atmospheric pressure 




Gas pressure + pressure due to mercury 
• atmospheric pressure 

Gasj^essure *• atmespheric pressure 
- pressure due to mercury 


Lets look at the experiment iiiustrateo in i-igure i-/ (aii our 
measurements will be made at the same temperature in this experi- 
ment ) Some gas is confined m a calibrated measuring tube which 
IS called a gas buret Mercury is m the flexible rubber tube at- 
tached to a reservoir or leveling bulb If we adjust the bulb so that 
the mercury levels are the same in the gas buret and in the reservoir, 
the pressure of the gas is equal to the external atmospheric pressure 
As we raise the bulb, the mercury levels change We can make an 
observation and suggest an interpretation 

The gas volume decreases (Observation) 

The gas pressure increases (Interpretation) 

The gas pressure increases, to balance the mercury height plus the 
atmospheric pressure Now if we lower the bulb, the mercury levels 
change again 

The gas volume increases (Observation) 

The gas pressure decreases (Interpretation) 

As long as there is no reaction with mercury, it does not matter what 
gas IS placed in the buret We always find this regularity in gas 
behavior, at constant temperature 

As the pressure on a gas is increased, 
the volume of the gas is decreased 

As the pressure on a gas is decreased, 
the volume of the gas is increased 

1-6 Wondering Why 

Undoubtedly many questions have been raised in the discussions 
of the experiments and demonstrations you have already carried out 
in this course Are some of them in this list ? 

Why IS a candle flame colored ? 

Why IS heat liberated when a candle burns? 

Why does aluminum metal cause the blue color 
of the copper solution to disappear? 

Would other metals have the same effect? 

What IS the gas that forms when aluminum metal 
IS placed in the copper solution ? 

What gases besides chlorine and nitrogen dioxide 
are colored ? 

Why does each metal have its own density? 

Why does a gas expand to fill its container? 

Why does a gas exert pressure ? 

Perhaps you have never asked yourself questions like these before 
A scientist learns to ask questions, and the excitement in science 
comes in trying to find answers Often the questions start with the 
words, "What happens if?" These questions can be answered by 
doing experiments and making careful observations Other questions 
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are phrased, "'Why does something happen?" These are more 
difficult questions In trying to answer questions starting with 
"Why?", man has been led to ideas that could be developed and 
tested The answers often suggest new regularities, new experiments, 
and new ideas We search for explanations in trying to answer 
questions that start with "Why ?" Let us see what it means to search 
for an explanation to the question - 

"Why does the volume of a gas decrease 
when pressure on the gas is increased?" 

For a moment we are going to look away from the gas We can 
think of a situation that is easy to visualize, one that may provide us 
with an explanation for gas behavior Suppose we shake a plastic 
box containing some steel ball bearings. Of course you know what 
happens in this case The ball bearings begin to fly around in a 
random fashion, colliding with each other and rebounding from the 
walls of the box Figure 1 -8 illustrates what is happening We can 
see and hear these collisions The ball bearings seem to fill the entire 
box If we place our hands on the box, we can feel the ball beanngs 
bounce off the sides Each time one rebounds from the wall, there is 
a push or force exerted on the box. 

Perhaps a gas is made up of tiny 'particles too small for us to see, 
particles that behave like the bail bearings in our example As the gas 
particles rebound from the container wall, they push on the wall and 
exert force In Figure 1 -5 we saw the balance between gas pres- 
sure and the pressure of a column of mercury. Our picture of a gas 
would look like Figure 1 -9 now, with gas particles pushing against 
the mercury surface in the manometer Doesn't it seem reasonable 
that the mercury column would be supported if every second a large 
number of gas particles were pushing against it? 

How does our analogy of gas particles and ball bearings agree 
with some of the observations we have already made? 

If we take the stopper from a test tube containing reddish-brown 
nitrogen dioxide gas, the colored gas rapidly moves out into the 
room We notice a sharp, biting odor If we take the top off the 
vibrating box containing ball bearings, some of the ball bearings 
bounce out of the box. 

If we increase the volume available to a sample of gas, its pressure 
decreases Similarly if we made the box containing ball bearings 
larger, without changing the number of ball bearings, the number of 
collisions on the wall every second would decrease. Our analogy 
seems to be very good 

Starting with a "Why ?" question is a common way to search for an 
explanation about a process that is not well understood An answer 
IS presented as a description of an analogous system that is well 
understood. We want to explain a regularity in gas behavior We try 
to understand gas behavior m terms of ball bearings in a plastic box. 
Ball bearings can be seen and studied easily Although ail gases 
have some properties that are the same, gases also have properties 
that make them different from each other If gases are made up of 
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FIGURE 1-8 

Bail beanngs shaken in a plastic box. 



FIGURE 1-8 

Gas particles pushing against a mercury 
surface. 
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Man on foot sinks m soft snow 



Same man on skis does not sink 
The larger area reduces pressure 


particles, the particles must be different in each gas It seems reason- 
able that the particles of one gas, for example ammonia, are not the 
same as the particles in another gas, hydrogen chloride The particles 
that make up a gas determine its properties such as color, odor, and 
solubility in water These particles are so important that chemists have 
given them a special name The particles making up a gas are called 
molecules 

The molecules of nitric oxide gas cannot be the same as the mole- 
cules that make up nitrogen dioxide There must be differences in 
these molecules to account for the observation that nitric oxide is a 
colorless gas and nitrogen dioxide is reddish-brown Yet, when 
nitric oxide and air are mixed, a reddish-brown gas appears This 
color suggests that a change has occurred 

To explain observations like this, we assume that molecules are 
built of small particles called atoms. Now we can explain the 
differences between two gases in terms of the atoms present in each 
molecule of the gas Nitric oxide and nitrogen dioxide differ in the 
number or the arrangement of atoms We will see many times in this 
course that the properties of a substance depend on the number and 
kinds of atoms it contains 


1-7 Communicating Scientific Information 

We can use our experiment on the pressure and volume of a gas to 
learn how scientists communicate with each other 
We observed a regularity in gas behavior As the pressure on the 
gas increases, the volume decreases This description or qualitative 
statement is the simplest way to express a regularity In some respects 
a qualitative statement is most useful for the scientist because it is so 
easy to remember It serves as a guide in thinking about gases Dur- 
ing this course, you will be furnished with many guides like this one 
We can investigate this regularity further by making careful mea- 
surements on gases Let us use a gas buret like the one shown in 
Figure 1-5 to make quantitative measurements We will place 
32 0 grams of oxygen gas into the apparatus The temperature of 
the gas will be held constant, at f = OX, throughout our measure- 
ments (In the next chapter you will see why we have chosen 
32 0 grams of oxygen The important point is that we have controlled 
our system ) By raising and lowering the mercury leveling bulb, we 
can change the gas volume At the same time, of course, the gas 
pressure changes The numerical values for pressure and volume are 
listed m Table 1 -2 These numbers are also presented in a graph in 
Figure 1-10 The values for pressure are plotted on the y-axis and 
the values for volume are plotted on the x-axis 
Here are two quantitative ways that scientists use tojcommunicate 
a regularity The first is the listing of th^ experimental data in a table 
The second is the visual presentation of the data in a graph There 
IS still another way that scientists communicate The mathematical 
statement of a regularity is sometimes the most useful way to pass 




TABLE 1-2 
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The Pressure and Volume 
of 32 0 grams of Oxygen at t = 0*C 


Pressure 

(atmospheres) 

Volume 

(liters) 

Pressure X Volume 
(liter atmospheres) 

100 

224 

224 

090 

247 

222 

090 

246 

221 

077 

299 

230 

075 

299 

224 

050 

444 

222 

1 10 

204 

224 

125 

175 

219 

200 

113 

22.6 



Average 22 4 ib 0 2 



Volume (Rters) 



Pressure - 7 ^- lOkgfcrrP 



Pressure lOkg/mP 


FIGURE 1-10 Pressure vs volume data for a gas 

on information It is the most compact way of stating a regularity. 
Let us see how to arrive at a mathematical statement of our experi- 
mental values 

In the third column of Table 1 -2, each value for gas pressure has 
been multiplied by the corresponding gas volume We see that this 
product IS approximately the same for all of our measurements. Our 
qualitative statement of regularity in gas behavior can be expressed 
quantitatively in mathematical form 






PXi/- 224±02 (atf=0‘’C) 

P - pressure in atmospheres 
y = volume in liters 

This equation can be put back into words If P increases, V must 
decrease to give a constant product If P decreases, V must increase 
to give a constant product 

There are some variations in the product of pressure times volume 
An average of all the values is given in Table 1 -2 There is some 
scatter of the points around the smooth curve in Figure 1 -10 This 
scatter m the data represents the uncertainty that arises in all 
measurements 


EXERCISE 1-2 

a Add the values of the product PV in Table 1 -2 and divide by 9 to 
obtain the average value 

b Now, on a separate piece of paper, make a fourth column for 
Table 1-2 showing the difference between each PV product and 
the average you have obtained in part a Head this column with 
the word “Deviation “ Make an entry, for each PV product minus 
the average value 

c Add the numbers in the column of deviations (disregarding 
algebraic signs] and divide by 9 to obtain an average deviation 

d Compare your calculations in parts a and c with the result m 
Table 1-2 


1-8 Uncertainty in Science 

Perhaps you have already noticed in Table 1-2 that the pressure, 
0 90 atmosphere, appears twice However, the gas volumes for each 
of these measurements is not the same This situation is typical of 
experimental data Repetition of measurements often gives a series 
of values that are close to each other Every measuring device has 
limitations that fix its precision Scientists report their experimental 
values in ways which indicate how carefully they have made their 
measurements For the pressure and volume data in Table 1-2, an 
average is reported for the PV product The notation ±0 2 follows 
the average value, 22 4 What does this notation mean ? 

Let's look at some examples first before answering these questions 
When a scientist sees a number which comes from an experimental 
measurement, he reacts in a special way The way in which the 
number is written is an indication to him of how carefully the 
measurement was made 

Suppose three people measure a gas volume using different mea- 
suring devices Each makes a report of his measurement, 

Report 1 The volume is 22 =fc 1 liters 
Report 2 The volume is 22 4 ± 0 2 liters 
Report 3 The volume is 22 41 4 ± 0 004 liters 



What does a scientist think of these measurements ? What does each 1 3 

report tell him? 

Report 1. 'This measurement was made in a rather ap- 
proximate fashion The true volume lies closer 
to 22 liters than it does to either 21 liters or 23 
liters Although this is not a very precise mea- 
surement, It may be good enough for many uses 
I could use some simple equipment like that in 
Figure 1-11 A to duplicate this measurement" 

Report 2 "This measurement has been made much more 
carefully than the one in Report 1 The true 
value lies between 22 2 liters and 22 6 liters 
To duplicate this measurement ( would choose 
an apparatus like that in Figure 1-118 I have 
to be able to estimate the volume reading to the 
nearest tenth of a liter " 

Report 3 "This measurement is the result of a very care- 
fully performed experiment I would have to 
use equipment like that in Figure 1 -1 1 C to make 
such a precise measurement in addition, i 
recognize that other conditions, such as tem- 
perature, must be carefully controlled The per- 
son who made this measurement is telling me 
that the true volume lies between 22410 and 
22,418 liters" 

Most of the values that you will obtain m your laboratory work m 
this course will be like the one in Report 2 Some examples are given 
in Table 1 -3 

TABLE 1-3 

Some Measurements with Their Uncertainties 

Quantity Numerical Values Equipment Used To 
Measured and Uncertainty Make Measurements 

Volume 18 5 ± 05 milliliters 25 ml graduated cylinder, 

marked m 1 ml divisions 

Mass 3 06 d= 0 01 grams Centigram balance 

Temperature 24 4 db 0 2’C Thermometer calibrated in 

r intervals 


FIGURE Ml 

A Approximate volume measurement , 71 liters of gas 
B Fairly careful volume measurement 224 liters of gas. 
C Very careful volume measurement *22 414 liters of gas. 





These dr numbers indicate an uncertainty of approximately 1% for 
each of these values Although each of these quantities might be 
measured with much higher precision, in the laboratory work for this 
course you should try to make all measurements with an uncertainty 
of about 1% 

Confidence in experimental values increases with repetition of a 
measurement In the laboratory, we shall often pool the results of 
everyone in the class to achieve repetition 

1«9 Uncertainty in a Derived Quantity 

Often scientists want to combine values from experimental measure- 
ments to obtain other values which are not measured directly Such 
a value is called a derived quantity. You have already encountered 
a combination of measured values in this course There will be many 
more examples In Experiment 3 on density, you divided values for 
mass by volume to get density, a derived quantity In the gas behavior 
demonstration, you multiplied pressure times volume to get a PV 
product Since there is uncertainty in any experimental measurement, 
It is important to know how to estimate uncertainty in derived 
quantities We will give you some rules to follow Remember the 
uncertainty in a derived quantity is fixed by the uncertainties in the 
values to be combined A derived quantity cannot have less un- 
certainty than that of the separate measurements 

Addition and Subtraction 

When metallic aluminum reacts with a copper chloride solution, the 
temperature of the solution increases If we want to know the tem- 
perature change, we subtract the initial temperature from the final 
temperature The change in temperature is called "delta f" and is 
written Af It is the result of two measurements The change in 
temperature is a derived quantity 

Final temperature = 88 4 ± 0 2®C 
Initial temperature = 26 6 ± 0 2X 
Af = 61 8 ± ?“C 

The uncertainty in reading temperature with a thermometer calibrated 
in one degree divisions is about ±0 2®C What uncertainty should 
we attach to Af ? 

Two rules are to be followed in this course in estimating uncer- 
tainty of a derived quantity when addition and subtraction are the 
mathematical operations 

(a) Round off so that all values have the same 
number of digits after the decimal point 

(b) Add the individual uncertainties to obtain 
the uncertainty in the derived quantity 

These rules tell us to write- Af 61 8 ± 0 4®C 
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EXERCISE 1-3 

Three people give these estimates of the highway distance between 
towns A, B, C, and D 

A— B 35-40 miles 

B— C 45-55 miles 

C— D 30-35 miles 

Give your estimate of the highway distance from A to C and from 
A to D (A to C, 60-95 miles) 


EXERCISE 1-4 

Three students measure out different volumes of water, using a 
25 ml graduated cylinder. After writing his value on the chalkboard, 
each student transfers his sample to a 100 ml beaker. The three 
samples are ; 

225 ±05 ml 
180±05ml 
24.0±05ml 

What IS the total volume of water in the beaker and what Is its 
uncertainty? 


MuHtplf cation and Division 

The derived quantity PV comes from the combination of two experi- 
mental measurements, gas pressure and gas volume We want to be 
able to estimate the uncertainty in the PV product 

P = 1 25 ± 0 01 atmospheres 
175±01 liters 

PI' = 21 9 ± ? liter atmospheres 

The ± numbers tell us that each measurement has an uncertainty 
of about 1% (not 10% and not 0,1%). The product, PV, should then 
have an uncertainty of about 1 % We will adopt some simplified rules 
to estimate the uncertainty in a derived quantity obtained by multi- 
plication or division of two measured numbers. 

(a) Look for the experimental number with the snnallest 
number of digits Round off all other numbers to the 
same number of digits For example, if you want to 
combine the values 1 25 and 17.534, round off the 
second one to 1 7 5 Both numbers now have the same 
number of digits, three 

(b) Carry out the multiplication or division Keep the same 
number of digits in the derived quantity In our ex- 
ample we would npt write the PV product as 21 875. 
Instead we would round this off to three digits, 21 9. 



(c) The percent uncertainty in the derived quantity should 
be the sanie as the percent uncertainty in the least 
certain number used in the calculation The numbers 
for P and V have uncertainties of about one percent 
The product, PV, should have the same uncertainty 
One percent of 21 9 is approximately 0 2 We write 

p 1 25 ± 0 01 atmospheres 
1^-175 ±01 liters 
/>!/ = 21 9 ± 0 2 liter atmospheres 


EXERCISE 1-5 

An engineer wished to determine the density of a new alloy of mag- 
nesium He found that a sample weighed 33 35 ± 0 01 g and 
occupied 186 ±02 ml Calculate the density and show the 
uncertainty 


1-10 Review 

This chapter began with the statement that you would find through 
experience what science is ail about You have already had oppor- 
tunities to do so in the laboratory program for this course Let us 
review some of the experiments and demonstrations with emphasis 
on the activities of science. 

A. Gathering Information through Observation 

Many observations can be made of a burning candle Undoubtedly 
some members of your class recorded observations that others did 
not see Some may have included interpretations in their list It takes 
careful study and attention to detail to observe any system If you 
repeated this experiment at home, you were able to make observations 
that you missed the first time you tried It takes practice to become a 
good observer 

A variety of observations can be made when metallic aluminum is 
placed in a copper chloride solution Were you a better observer 
when you performed this experiment? Don't be discouraged if you 
missed an observation that a classmate recorded Some of the 
greatest scientific discoveries have been overlooked for years And 
yet when someone finally makes the vital observation, it is difficult 
to understand how anyone could have missed it for so long 

There are ways to help you become a good observer One of the 
most important is to keep a careful record in your notebook of every- 
thing you see, at the moment you see it Try to make your notebook 
as neat, legible, and complete as possible, Organization makes your 
notebook more valuable You will find that planning ahead for an 
experiment saves you time, time that you can use in making observa- 
tions Remember chemistry is built on the results of experiments. 
And a good experimentalist is a good observer 



B Organizing Information and Looking for Regularities 

There is more to science than making a liat of observations If that 
IS all that we do, we would soon be overwhelmed by the large 
number of observations to be recorded We look for some way to 
organize our information It is natural to look for patterns or ragu-^ 
larities Perhaps that is why the search is so interesting, and why the 
scientist gams so much satisfaction from his work Perhaps you may 
experience the same sort of pleasure when you carry out the expen* 
ments in this course 

In this chapter we described some experiments that could be used 
to tell one gas from another. Our obsen/ations brought out the 
differences in properties of the gases we studied There was one 
property that all of the gases displayed. They expanded to fill any 
container Liquids and solids do not behave m this manner When 
we carried out a careful experiment with oxygen gas, we found the 
regularity that a change in gas volume brings about a change m gas 
pressure 

Regularities provide an efficient way to summarize the results of 
many expenments Regularities also point ahead to predict the results 
of experiments that we have not carried out before 

C. Wondering Why 

It IS a short step from finding a regularity to asking why the regularity 
exists Scientists seek explanations for ''wondenng why"' questions. 
Often the explanation is presented as an analogy between a system 
that we understand and the system that we are trying to explain. An 
explanation is always tentative. It leads us to further expenments to 
test the explanation An explanation, in this sense, is often called a 
theory. 

An explanation has been suggested for the regularity in pressure- 
volume behavior of oxygen gas. A gas was compared with a system 
that we can see and study directly, ball beanngs shaken in a plastic 
box More experiments with gases will be outlined in the next 
chapter Perhaps our explanation or theory will be strengthened by 
these experiments Perhaps we shall be in the same predicament 
as the child in the fable with his "cylindrical objects burn" Then, 
like the child, we will search for a new explanation 

Wondering why is the most rewarding activity of science, Learn 
to ask yourself questions beginning with "'Why" when you make 
observations, in and out of the chemistry laboratory 

D Communicating with Others 

The fourth activity of science is, in many ways, the most important 
one of all It is only through communicating ideas to others that a 
strong framework can be provided for a science Experimental results 
must be confirmed and explanations must be tested by others If it 
were not for this aspect of science, each generation of scientists would 
have to start from the beginning 
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In this chapter we have discussed four ways that scientists com- 
municate No matter which way is chosen, the objective is always 
the same * to tell others what experiments you have performed, what 
the results are, and how carefully you have made the measurements 
In this course, you should try to develop skill in scientific communica- 
tion A carefully kept notebook is essential Recognize that errors 
are part of any scientific measurement and try to communicate how 
large these errors may be Test yourself by asking what your report 
of an experiment means It takes practice to become a good observer 
It takes practice to learn how to communicate Remember that in 
this course you are learning what the nature of chemistry is through 
your own experience 


Questions and Problems for Chapter 1 


1 

Name some conditions that should be controlled if you 
wish to determine how many miles different cars will 
travel per gallon of gasoline 

2 

Name some conditions that should be controlled if you 
want to determine the effectiveness of various de- 
tergents, 

3 

Name some conditions that should be controlled if you 
want to determine the vitamin C content of various 
brands of frozen orange juice 

4 

Make a list of the regularities and the differences that 
you can observe among the various cars you know 

6 

Make a list of the regularities and differences that you 
can observe among the various soft drinks you know 

s 

Make a list of the regularities and differences that you 
can obsenre among the different classrooms in your 
school 


7 

Name some substances, not mentioned in this chapter, 
which are gases at room temperature 

8 

Hydrogen, helium, and carbon dioxide are gases at room 
temperature What differences among the properties of 
these gases account for the following ? 

(a) Hydrogen and helium are used in balloons but 
carbon dioxide is not 

(b) Helium is less dangerous to use 

9 

A rock has a mass of 42 0 grams when it is weighed in 
air When it is weighed in liquid carbon tetrachloride, 
the mass of the rock is 34 0 grams Carbon tetra- 
chloride has a density of 1 59 g/mi 

(a) What IS the volume of the rock? 

(b) What IS the density of the rock ? 

10 

Calculate the density of an irregularly shaped object 
using these data Water displacement was used to 
determine the volume of the object Express your an- 
swer to the correct number of digits. (Use the value 
1 00 g/ml for the density of water ) 
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Volume of water tn a graduated cylinder, 
before the object was immersed 20 0 mi 

Volume of water in a graduated cylinder, 
after the object was immersed. 32 6 mf 

Mass of the object in air 34 0 g 

11 

Outline a method for determining the density of an 
object that floats on water 

12 

What do you think will happen to the mercury column 
in a barometer (Figure 1 -4, page 6) if you do these 
things? 

(a) Tip the glass barometer tube away from its vertical 
position. 

(b) Carry the barometer up a high mountain 

(c) Lower the barometer to the bottom of a swimming 
pool 

13 

Gas IS slowly added to the empty chamber of a dosed- 
end manometer (see Figure t-5, page 7) Draw a 
picture of the manometer mercury levels, showing in 
millimeters the difference in heights of the two mercury 
levels 

(a) before any gas has been added to the empty gas 
chamber 

(b) when the gas pressure in the chamber is 300 mm 

(c) when the gas pressure in the chamber is 760 mm 

(d) when the gas pressure in the chamber is 865 mm. 

14 

Repeat Problem 13, with an open-end manometer (see 
Figure 1-6, page 7). Use a value of 760 mm for 
atmospheric pressun* 

15 

List three different units that could be used to express 
the speed of a spaceship 

16 

In studying the effect of pressure on the volume of a 
gas, why is it necessary to keep the temperature 
constant? 


17 

Suppose in the example of ball bearings shaken m the 
plastic box that very small ball bearings were used 
Would It be so easy to detect a single collision? 
Would the pressure on the walls be much greater, much 
less, or approximately the same for the smaller ball 
bearings? Justify your answer 

18 

Consider a box of ball bearings being shaken at a con- 
stant rate. What would happen to the number of 
collisions between ball bearings and walls if the box 
were made smaller? 

18 

The balloons that are used for weather study are quite 
large When they are released at the surface of the 
earth, they contain a relatively small volume of gas 
compared to the volume they acquire when aloft 
Explain 

20 

Give several examples of two variables that are related 
so thbt when one vanable increases, the other de~ 
creases. Example, pressure and volume of a gas. 

21 

Express mathematically the relationship between the 
number of days you have lived and your age in years 
Ignore the number of leap years that may have occurred 
during your lifetime. How could you modify your 
mathematical equation to take into account leap years? 

22 

In I960 a ten-year Census of the United States was 
earned out. The population of a large city was stated 
to be 3,846,523 How do you react to that figure? 
How would you have reacted before you began to 
study this book? 

23 

Which do you think would cost more, a cube of iron 
1 inch on each edge or a cube of iron 1 000 inch on 
each edge? Why? 



The Atomic Theory 



One of the activities of science is the search for regularities 
Regularities are patterns or generalizations that we can identify in 
experimental observations The word law is sometimes applied to 
the older scientific generalizations For example, the gas behavior 
described by the equation PV = a constant, is called Boyle's Law 
Robert Boyle discovered this regularity in 1 660 Modern scientists 
do not like to use the word law in talking of new regularities or 
generalizations It is easy to see why Most people think of a law 
as something that is permanent, with penalties if the "law is broken " 
Certainly it would be very inconvenient if the federal or state laws by 
which our society operates were to change every week or so 

Scientists continually are testing their generalizations, by making 
more precise measurements and by devising new experiments New 
techniques and new instrumental methods are developed each year 
The observations that a scientist can make frequently show that his 
original generalizations apply only over a limited range of experi- 
mental conditions Somehow changing a "generalization" seems 
less drastic than changing a "law " As science progressed, the word 
law was avoided more and more 

When seeking an explanation, we sometimes test out more than 
one model or theory The most useful model or theory is retained 
A useful theory often suggests new directions of thought The new 
directions guide us to new experiments Additional experimental 
facts come to light Sometimes the new facts require growth of the 
theory Occasionally these facts contradict the theory The theory 
must be abandoned in favor of another Both the growth and re- 
placement of theories reflect increase in our understanding of the 
environment 

Let us see how a theory grows 


2-1 Implications and Growth of a Scientific Theory 

We can explore our explanation that gas behavior results from 
randomly moving molecules. We ask a question Why does gas 
pressure increase when the gas volume is decreased ? 



The answer is a possible model for a gas Perhaps it contains 
many molecules that are in constant motion. This system can be 
compared to ball beanngs shaken in a plastic box As the molecules 
rebound from the walls of their container, they push on the walls. 
Since there are many molecules stnking the wall each second, we 
must add together all the individual pushes This is what is meant 
by gas pressure What if the container is half as big without changing 
the number of molecules? Now there are twice as many molecules 
per unit volume With twice as many molecules per unit volume, the 
frequency of wall collisions will be doubled Doubling the wail 
collisions will double the pressure Our model is consistent with the 
equation * 

PV * (2P){%V) « a constant 

For 32 0 grams of oxygen gas at t « 0*C, we found experimentally 
that 

« 22 4 ± 0 2 liter atmospheres 

Two other common gases are ammonia and hydrogen chloride 
Does our theory apply to them as well as to oxygen? We must 
perform experiments to find out We duplicate the conditions used 
in the study of oxygen Table 2-1 shows pressure-volume measure- 
ments for 32.0 grams of gaseous ammonia at CPC Table 2-2 shows 
the same type of data for 32.0 grams of gaseous hydrogen chloride 
at the same temperature. 


TABLE 2-1 

Pressure and Volume of 32.0 Grams of 
Ammonia Gas at t « 0®C 


Pressure 

Volume 

Pressure X Volume 

(atmospheres) 

(liters) 

(liter atmospheres) 

0100 

421 

421 

0 500 

842 

42,1 

100 

421 

421 


TABLE 2-2 


Pressure and Volume of 32 0 Grams of 

Hydrogen Chloride Gas at f =* 0“C 

Pressure 

Volume 

Pressure X Volume 

(atmospheres) 

(liters) 

(liter atmospheres) 

0,100 

196 

196 

0 500 

39.2 

196 

1.00 

196 

196 


We see that for these two gases PV - b constant at 0®C. Our theory 
should be useful for these gases as well as for oxygen. However, 
the numerical value of the constant vanes from one gas to another, 
if the same mass of gas is considered. We have seen that 32.0 grams 


Every day dunng 1966 
United States industiy made 

65.000. 000 pounds of ammonia 

8.000. 000 pounds of hydrogen chloride 
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At (fC and one 
atmosphere pressure 



124 liters of 
ammonia weigh 
170 grams 



and 



124 liters of 
hydrogen chloride 
weigh 3 65 grams 



Why? 


FIGURE 2-1 


of oxygen at O’C and one atmosphere pressure occupy 224 liters 
The same mass of ammonia at this temperature and pressure occupies 
42 1 liters The same mass of hydrogen chloride occupies only 
19 6 liters How can our theory be modified to account for these 
differences? 

To explain this behavior, chemists have found it convenient to 
consider a different mass for each gas They select the amount of 
gas that gives the same PV product as 32 0 grams of oxygen gas 
Consider, first, ammonia gas At 0®C and a pressure of one atmos- 
phere, 32 0 grams of ammonia occupy 42 1 liters We have taken too 
large a mass of ammonia The mass of ammonia needed to occupy 
only 22 4 liters at this pressure is smaller by a factor of 22 4/42 1 

22 4 

mass of ammonia =* 32 0 g X — = 17 0 g 

Pressure-volume data for this mass of ammonia are shown in 
Table 2-3 


TABLE 2-3 

Pressure and Volume of 17 0 grams of 
Ammonia Gas at t = O^C 


Pressure 

Volume 

Pressure x Volume 

(atmospheres) 

(liters) 

(liter atmospheres) 

0100 

224 

224 

0500 

448 

224 

100 

224 

224 


EXERCISE 2-1 


SEARCH FOR AN EXPLANATION 
Why do equal volumes of ammonia and 
hydrogen chloride have different masses? 


If 32 0 grams of hydrogen chloride gas (at O^C and one atmosphere) 
occupy 19 6 liters, then a larger mass of hydrogen chloride is needed 
to occupy the larger volume, 22 4 liters Show that the mass needed 
IS 36 5 grams 


Now the regularity between pressure and volume of these three 
gases can be expressed as follows 
For 32 0 grams of oxygen at ©'’C, 


PXV = 22A 

For 1 7.0 grams of ammonia at OX, 

PX V = 224 

For 36 5 grams of hydrogen chloride at OX, 

PX V = 224 

Each of the gases has a behavior consistent with the regularity 
PV = a constant However, the molecules of the gas oxygen must 







differ from the molecules of the gas ammonia. The nature of the 23 

ammonia molecules, then, is the key to the properties of ammonia 
The molecules that make up a gas determine its chemical properties 

How do the molecules differ ? Why is it that 32 0 grams of oxygen 
give the same PV product as 17 0 grams of ammonia and 36 5 grams 
of hydrogen chloride (all at OX) ? We wonder, why do 224 liters 
of ammonia weigh 17 0 grams when the same volume of hydrogen 
chloride weighs 36 5 grams? Do molecules have different masses? 

There are two factors to consider These are the same factors we 
would be concerned with if we were to ask why a bag full of marbles 
weighs 1 7 0 grams whereas the same bag full of ball bearings weighs 
36 5 grams The explanation would be found by companng the num- 
ber of marbles in the bag and the mass per marble to the number and 
individual mass of ball bearings in a similar bag In our gas problem 
we make the same kind of comparison The mass per molecule and 
number of ammonia molecules in 224 liters must be compared to 
the mass per molecule and number of hydrogen chloride molecules 
in 22 4 liters Here are two possibilities 

(A) Perhaps 

(1) Equal volumes of these two gases contain the 
same number of molecules, and 

(2) ammonia molecules weigh less, per molecule, 
than hydrogen chloride molecules by the factor 
170/365 

(B) Perhaps 

(1) Equal volumes of these two gases contain dif- 
ferent numbers of molecules, ammonia contain- 
ing fewer by the factor 17 0/36 5, and 

(2) ammonia molecules weigh exactly the same as 
hydrogen chloride molecules. 

These two possibilities are attractive because they are simple One 
factor alone is held responsible in each case We must be prepared, 
however, for disappointment There is the third possibility that 
neither (A) nor (B) accounts for the properties of gases We need 
more information to decide if either proposal (A) or (B) applies to 
gases More information is obtained by observing how some gases 
behave when mixed As our model grows, we are led again to new 
experiments 

2-2 Reacting Volumes of Gases 

When hydrogen chloride and ammonia gases are mixed, a white 
powder is formed When hydrogen chlonde molecules and ammonia 


FIGURE 2-2 

Two simple models to explain the masses 
of equal volumes of gases. 
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FIGURE 2-3 FIGURE 2-4 

An apparatus to measure volume changes when NH3 gas reacting with HCI gas 

gases react. 


molecules are mixed, the atoms are rearranged An entirely different 
substance, a solid, results A quantitative study of this process is 
informative 

Figure 2-3 shows an apparatus suitable for measurement of gas 
volumes Thirty milliliters of ammonia have been admitted to the 
left tube from an ammonia storage tank Next, fifty milliliters of 
hydrogen chloride have been admitted to the right tube The leveling 
bulbs are used to adjust the pressure of each gas to one atmosphere 
The temperature of both gases is, of course, the same We are 
ready to carry out the experiment The hydrogen chloride sample 
can be transferred slowly into the tube containing the ammonia 
Figures 2-4 and 2-5 show the progress of the experiment 

A cloud of the white solid forms in the left tube where the gases 
mix Twenty milliliters of hydrogen chloride combine with twenty 
milliliters of ammonia, forming the white solid Ten milliliters more 
hydrogen chloride are just enough to react with the last of the 
ammonia 

We have an important result Thirty milliliters of hydrogen chloride 
combine with just thirty milliliters of ammonia, measured at the same 
temperature and pressure Therefore, one liter of hydrogen chloride 
would combine with one liter of ammonia Though a given volume 
of ammonia weighs less than the same volume of hydrogen chloride 



(less by the factor 1 7 0/36.5), equal volumes of these gases combine 
This simple situation suggests that we should seek a simple explana- 
tion Proposal (A) fits nicely. If we propose that equal gas volumes 
contain equal numbers of molecules, then thirty milliliters of ammonia 
and thirty milliliters of hydrogen chlonde contain the same number 
of molecules Proposal (A) leads us to conclude that one molecule 
of ammonia combines with one molecule of hydrogen chloride to 
form the white solid Through proposal (A), the combining volumes 
tell us the numbers of molecules that combine In contrast, there is 
no correspondingly simple way to explain the new data with 
proposal (B) 

Proposal (A) works very well for the two gases, ammonia and 
hydrogen chloride Will it work with other gases ? More expenments 
show that many gases behave as simply as a mixture of hydrogen 
chloride and ammonia For example, 

1 liter 1 liter 2 liters 

hydrogen ^ chlorine hydrogen chloride 

1 liter carbon 1 liter 

oxygen ' (in coal) carbon dioxide 

2 liters 1 liter 2 liters 

hydrogen oxygen gaseous water 

These integer volume ratios confirm the usefulness of proposal (A) 
equal volumes of gases contain equal numbers of molecules. This 
proposal was first made in 1811 by an Italian scientist, Amadeo 
Avogadro It is called Avogadro's Hypothesis It has been used 
successfully m explaining the properties of gases for more than a 
century and a half 
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FIGURE 2-5 

Completion of reaction between NH 3 gas and 
HCtgas 30 ml of NH 3 has reacted with 
SOmiofHCi 


Avogadro's Hypothesis^ Equal volumes of gases, 
measured at the same temperature and pressure, 
contain equal numbers of molecules 


2-3 Relative Masses of Molecules 

Avogadro's Hypothesis is important because it furnishes a basis for 
weighing molecules Two equal volumes of gas (at the same tem- 
perature and pressure) are weighed If we assume these two volumes 
contain the same numbers of molecules, then we must also conclude 
that the gas that weighs more must have heavier molecules. Further- 
more, the ratio of the masses of the molecules must be the ratio of 
the masses of the two gas samples 
For example, in Table 1 -1 , page 6, data were given that show that 
32 0 grams of oxygen at O^C and one atmosphere pressure occupy 
22 4 liters The same volume of ammonia (also at O’C and one 
atmosphere pressure) weighs 1 7.0 grams By Avogadro's Hypothesis, 
these two volumes contain equal numbers of molecules Each am- 
monia molecule must weigh less than an oxygen molecule by the 
factor 17.0/320 By the same argument, each hydrogen chloride 



molecule must weigh more than an oxygen molecule by 36 5/32 0 

By many such weighings, scientists have learned the relative 
masses of many gases The experiment is fairly simple A carefully 
measured volume of oxygen is weighed at a fixed pressure and tem- 
perature Then the same volume of another gas is weighed, at the 
same pressure and temperature The relative masses of the gas 
samples indicate the relative masses of the molecules Neither the 
pressure nor the temperature need be measured, provided they are 
held constant 

Look at the sample data that would be obtained from such an 
experiment The air is removed from a one-liter flask and the flask 
IS weighed In turn, the flask is filled with different gases and 
weighed again (We must be sure that the temperature and pressure 
of the gases are the same in this experiment The conditions chosen 
for this experiment are 25‘’C and one atmosphere pressure ) The 
expenmental results are summarized in Table 2-4 


TABLE 2-4 

Masses of One Liter of Gases at 25°C 
and One Atmosphere Pressure 


Gas 

Mass of 
Flask Empty 
(grams) 

Mass of 
Flask + Gas 
(grams) 

Mass of 
One Liter of 
Gas (grams) 

Mass of 
Molecule 
Relative to 
Oxygen 

Oxygen 

157 35 

15866 

1 31 

(320^ 

Ammonia 

15735 

158 05 

070 

170 

Hydrogen 

chloride 

15735 

15884 

1 49 

36 5 

Nitrogen 

15735 

158 5Q 

1 15 

280 

Carbon 

dioxide 

157 35 

15916 

1 81 

440 

Nitrogen 

dioxide 

157 35 

159 23 

188 

460 

Nitric 

oxide 

15735 

158 58 

1 23 

300 


EXERCISE 2-2 

At 25'’C and 1 atm pressure, one liter of neon gas weighs 0 83 gram 
What IS the mass of a neon molecule relative to the mass of an 
oxygen molecule (32 0) ? 


2-4 The Number of Atoms in a Molecule 

Recall the reaction between the two colorless gases, nitric oxide and 
oxygen When nitric ox^de reacts with oxygen, a reddish-brown gas 
forms The color is identical to that of another gas, nitrogen dioxide 
All the properties of the reddish-brown gas are consistent with the 



conclusion that nitrogen dioxide has been formed How can this 27 

change be discussed in terms of our theory for gas behavior? 

Since we find that nitrogen dioxide can be formed from the reac- 
tion of nitric oxide and oxygen, we can conclude that the atoms in 
nitrogen dioxide must have come from those in nitric oxide together 
with those in oxygen Also, we find from an experiment that two 
volumes of nitnc oxide combine with one volume of oxygen Two 
volumes of nitrogen dioxide are formed According to Avogadro's 
Hypothesis, these values for large samples indicate that 

2 molecules 1 molecule ^ 2 molecules i mtnc ! ^ ^ ^ | nitrogen 

nitric oxide oxygen ^ nitrogen dioxide I oxide ! ! dioxide 

The oxygen molecule must have split into two equal parts We can 
say "two" because two molecules of nitrogen dioxide are formed 
We can say "equal" because all nitrogen dioxide molecules are alike 
The oxygen molecule must contain an even number of atoms. In 
addition, no one has ever reported an experiment in which one 
volume of oxygen formed more than two volumes of an oxygen- 
containing compound Chemists have concluded from this and other 
experiments that there are two oxygen atoms in an oxygen molecule 


EXERCISE 2-3 

One volume of hydrogen gas reacts with one volume of chlonne gas 
to form two volumes of hydrogen chloride gas What can you say 
about the number of atoms in one molecule of hydrogen? of 
chlorine 7 of hydrogen chloride ? 


The proposal that all matter consists of atoms is called the Atomic 
Theory As with any explanation or theory, its value depends upon 
Its usefulness in explaining experimental facts The Atomic Theory 
was proposed in 1 803 by an English chemist, John Dalton We shall 
use It throughout this course In Chapters 7 and 8 we shall review 
some of the experiments which have led chemists to regard the 
Atomic Theory as the cornerstone of their science 


2-5 Substances* Elements and Compounds 

Molecules are clusters of atoms Twotypes of molecules are possible 
Some molecules are clusters of atoms in which all the atoms are 
identical Other molecules contain two or more different kinds of 
atoms Substances made of these two kinds of molecules are given 
different names 

An element is a pure substance containing only 
one kind of atom 

A compound is a pure substance containing 
two or more kinds of atoms 




There are over one hundred different elements known today 
Some elements occur pure m nature and have been known for 
thousands of years Elements like iron, silver, gold, mercury, and 
sulfur were known to the ancients They were given Latin names by 
the early chemists For example, iron was called ferrum, silver was 
called argentum, and gold was called aurum. 

During the nineteenth century the number of elements discovered 
increased as chemists began to adopt quantitative methods Twenty- 
five elements were known at the beginning of the nineteenth century 
One hundred years later over 81 elements were known More than 
twice as many elements were discovered in that one century as were 
discovered up to that time Each element has a name and has been 
given a shorthand symbol of one or two letters The element carbon 
IS symbolized by the letter C, the element neon by the letters Ne 
Ten of the elements have symbols derived from the capitalized first 
letter of the Latin name of the element and, if necessary, by a second 
letter The ten include seven common metals known to the ancients 
The symbol for the element tungsten comes from the German word 
wolfram Except for the dIeven elements listed in Table 2-5, ail of 
the elements have symbols that can be derived from their English 
names For example, the symbols for hydrogen (H), helium (He), 
carbon (C), nitrogen (N), oxygen (0), calcium (Ca), and chlorine 
(Cl) are easily obtained from the names Notice that He is used for 
helium to distinguish it from H for hydrogen Since C is used for 
carbon, the symbols for calcium and chlorine have a second letter 
added to the first The table of elements, inside the back cover of 
the book, contains a complete list of the chemical symbols 


TABLE 2-5 

Chemical Symbols That Are Not Derivable from 
the Common English Name of the Element 


Common 

Name 

Sym- 

bol 

Symbol 

Source 

Common 

Name 

Sym- 

bol 

Symbol 

Source 

Antimony 

Sb 

stibium 

Potassium 

K 

kahum 

Copper 

Cu 

cuprum 

Silver 

Ag 

argentum 

Gold 

Au 

aurum 

Sodium 

Na 

natrium 

Iron 

Fe 

ferrum 

Tin 

Sn 

stannum 

Lead 

Pb 

plumbum 

Tungsten 

W 

wolfram 

Mercury 

Hg 

hydrargyrum 





But now consider a substance like water, which is probably the 
most familiar substance that we know Water can be identified by 
Its properties color, taste, melting and boiling temperatures, and its 
ability to dissolve sugar and salt A demonstration can easily show 
how water can be changed into two other substances, hydrogen gas 
and oxygen gas The hydrogen and oxygen are produced in definite 
amounts. Since water can be decomposed into two, other substances, 
water must contain at least two kinds of atoms Wafer is a compound 



Sugar is another substance that you know One property of sugar 
IS Its sweetness Another property is that it dissolves in water Still 
another is the way it behaves when heated At a definite temperature 
sugar not only begins to melt to a liquid, but it also begins to decom- 
pose The liquid darkens and water bubbles off Finally, a black 
solid remains in the container We recognize the black solid as a 
form of carbon, charcoal Sugar can be decomposed to form water 
and charcoal m definite amounts Sugar ts a compound 

Water and sugar are compounds What about hydrogen and 
oxygen ? Hydrogen is a gas at normal conditions It can be liquefied 
at a characteristic temperature by cooling It becomes a solid at a 
second characteristic temperature It is a pure substance No treat- 
ment, however, causes it to form two other substances Hydrogen 
then must contain only one kind of atom Hydrogen r$ an element 
Oxygen, too, has characteristic properties It cannot be decomposed 
into two other substances Oxygen is an element It contains only 
one kind of atom 

Now we can return to the decomposition of water. Water can be 
decomposed to give hydrogen and oxygen Since hydrogen contains 
only hydrogen atoms and oxygen contains only oxygen atoms, water 
molecules must contain some hydrogen atoms and some oxygen 
atoms, but no other kind of atom 

Finding what atoms are present in a given substance is one of the 
most important experiments in chemistry How important this is can 
be seen by comparing the three substances water, oxygen, and 
hydrogen. Both water and oxygen contain oxygen atoms, but these 
substances are very different m their properties Both water and 
hydrogen contain hydrogen atoms, but these substances are no more 
alike than are water and oxygen The properties of water are fixed 
by the combination of the two kinds of atoms and these properties 
are distinctive 


EXERCISE 2-4 

What differences between water, oxygen, and hydrogen can you 
point out from your own experience? For example, consider 

(a) boiling and melting temperatures, 

(b) role in combustion, 

(c) role in supporting life. 


Sugar is another substance that contains both oxygen and hydro- 
gen atoms, but it contains carbon atoms as well The various types 
of atoms and their arrangement account for the distinctive properties 
which identify sugar In any substance, the atoms present, their 
numbers, and their arrangement fix the properties of that substance 

2-6 Chemical Formulas 
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model 



Space filling 
model 


Molecules are made up of atoms in definite numbers and definite 
arrangements, Symbols for the elements aid us in showing the com- 


FIGURE 2-6 

Models to represent a water molecule 
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Molecular 

Structure 

Models 

Formula 

Formula 

Ball-and-Stick 

BalFand-Spring 

Space-Filling 

Hydrogen 


H 

H'' 



0 

Water 






Ammonia 

NH^ 

H 



Ob 


FIGURE 2-7 Different representations of the molecules H 2 , H 2 O, and NH 3 


position of a molecule Molecular models can, too Figure 2-6 shows 
a model of a water molecule Experiments have shown that the 
model should contain two atoms of hydrogen and one atom of 
oxygen The model in Figure 2-6 shows the spatial arrangement of 
the atoms In a water molecule each of the two hydrogen atoms is 
connected to the oxygen atom in a triangular arrangement How the 
shape IS determined and how important it is in chemistry will be 
discussed later 

The number and kinds of atoms in a molecule can also be shown in 
a molecular formula. For example, the water molecule is symbol- 
ized H 2 O In this molecular formula, H means a hydrogen atom, and 
0 means an oxygen atom The subscript following H indicates that 
there are two hydrogen atoms in the molecule for each oxygen atom. 
The molecular formula of ammonia, NHg, indicates that one molecule 
of ammonia contains one atom of nitrogen (N) and three atoms of 
hydrogen (H). Experiments show that oxygen is diatomic Each 
oxygen molecule contains two atoms Its molecular formula is O 2 
Hydrogen gas is diatomic Its formula is Hj 


EXERCISE 2-5 

Carbon dioxide has the formula CO 2 Remembering that the prefix 
"di" means two, and "tn" means three, write the formula for each of 
the following substances carbon disulfide, sulfur dioxide, sulfur 
trioxide (If you don't know the symbol for any element, use the 
table inside the back cover of the book ) 
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Both the numbers and the arrangment of the atoms in the mole- 
cule can be shown by a structural formula. Structural formulas, 
like the molecular models we have seen, show which atoms are at- 
tached to each other Water has the structural formula 


not 


or 


0 

/\ 


H H 


H-H~0 



In the structural formula H— 0— H, the lines indicate the connections 
between the atoms The connections between atoms are called 
chemical bonds. We see that each hydrogen atom is bound to the 
oxygen atom The alternate arrangements, 


H-H-0 


and 


agree with the molecular formula HjO However, we know from 
experiments that the atoms are not bonded in these ways 
No written formula is quite as effective as a molecular model to 
help usvisualize molecular shape Since chemists find that the shape 
of a molecule strongly influences its chemical behavior, molecular 
models are important aids Various molecular models are commonly 
used, depending upon the emphasis needed Figure 2-7 shows some 
representations of molecules of hydrogen, water, and ammonia The 
ball-and-stick and ball-and-spring nfiodels display clearly the atoms 
and their bonds The space-filling models provide a more realistic 
view of the spatial relationships and crowding among nonbonded 
atoms 


2-7 The Mole 

Whenever you weigh a substance or whenever you measure the 
volume of a gas, your sample contains a very large number of atoms. 
Chemists have found it convenient to choose a unit much largerthan 
a single atom or molecule for comparing amounts of different ma- 
terials. This unit, called the moh, contains a very large number of 
particles, 60x10^^ A mole of oxygen atoms, or a mole of hydrogen 
atoms, or a mole of copper atoms contains 6 0 X 10“ atoms of the 
specified kind A mole of oxygen molecules, 0^, contains 2 moles of 



oxygen atoms [2 X (6 0x10^^) oxygen atoms] because each 
oxygen molecule contains two atoms Chemists know that the molec- 
ular formula for phosphorus is P 4 There are four atoms in each 
molecule A mole of P 4 molecules contains [4 X (6 0 x 10^^)] 
phosphorus atoms, that is, four moles of phosphorus atoms 

A baker counts biscuits in dozens, a convenient number Money 
IS counted in dollars How did chemists choose to count in terms of 
molest The number 60 X 10^^ seems an odd choice There is a 
reason Chemists prefer a definition in terms of a quantity that can 
be measured readily and with high precision Weighing is much 
easier than counting when the number of particles is so very large 
Consequently, chemists based the definition of the mole upon a 
chosen mass rather than a chosen number of particles During the 
nineteenth century, chemists decided that the number of molecules 
in a sample of oxygen gas weighing Skactly 32 grams would be taken 
as the standard number * A mole was defined as the number of 
oxygen molecules in thirty-two grams of oxygen gas The significance 
of a mole is most usefully connected with this number of particles, 
rather than the mass The number 60 X 1 ® is called Avogadro's 
number This number occurs so many times in chemistry that it is 
often represented by the letter JV Do you see now why we chose 
to talk about 32 0 grams of oxygen in the pressure-volume example 
in the last chapter? In doing that we were dealing with one mole of 
oxygen molecules 

in 1961 and 1962, chemists and physicists agreed upon a new 
standard The change is too small to affect our discussion 


Exercise 2-6 

Since a mole of oxygen molecules weighs 32 0 grams, how much 
would one million oxygen molecules weigh ? Why was a mole not 
defined as one million molecules? 


2-8 Molar Mass 

Although a chemist knows that the mass of a single oxygen atom is 
2 67 X 10”*^ gram, he finds it much more convenient to know that 
a mole of oxygen atoms has a mass of 1 6 0 grams and that a mole of 
oxygen molecules has a mass of 32 0 grams These amounts can be 
easily weighed m the laboratory The mass of one mole of a sub- 
stance IS a useful number We will call it the molar mass. 

The molar mass of an element in the 
atomic state is the mass of A/ atoms 

There is a table inside the back cover of this book which lists 
the molar masses for elements in the atomic state For example, 
0 “ 160 grams, Cu * 63 5 grams, and Ag = 107 9 grams 

♦ For molecules, O 2 ■» 32 grams was chosen as the standard mass Therefore 
for atoms; 0 « 16 grams became the standard mass 



The molar mass of a compound or of an 
element in the molecular state is the mass 
of N molecules 
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A chemist working with hydrogen chloride often needs to know its 
molar mass This mass can be calculated from the molar masses of 
the two kinds of atoms, H and Cl 


one 


one atom 


one atom 

molecule 

contains 

of 

and 

of 

of HCI 


hydrogen 


chlorine 






one mole 


one mole 


one mole 

of HCI 

contains 

of hydrogen 

and 

of chlorine 

molecules 


atoms 


atoms 






the mass of 


the mass of 


the mass of 

one mole 

IS the 

one mole 


one mole 

of HCI 

same as 1 

of hydrogen 

T 

of chlonne 

molecules 


atoms 


atoms 






molar mass 
of HCI 

ss 

molar mass 
of atomic 

+ 

molar mass 
of atomic 


hydrogen 


chlorine 






molar mass 
of HCI 

ss 

101 g 

+ 

355g 


molar mass 
of HCI 


365 g 


If we know the molecular formula for a substance, we can calculate 
Its molar mass This mass contains 6 0 X itf* molecules, one mole 
of molecules 


EXERCISE 2-7 

Show that the mass of a mole of NOj is 46 0 grams and that the 
mass of a mole of SO 2 is 64 1 grams 


EXERCISE 2-8 

What IS the molar mass of each of the following substances sulfur 
(formula, Ss) ; ammonia (formula, NH 3 ) ; and nitrogen (a diatomic 
molecule) ? 
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EXERCISE 2-9 

Calculate the mass of 6 0 x 1 ^ molecules of carbon monoxide, CO 


2-9 Calculations Based on the Mole 

If we take a certain mass of a substance, we can calculate the number 
of moles that we have of that substance We can also calculate how 
many molecules we have Here is an example to help you understand 
these calculations 

How many moles and how many molecules are contained in 
2 2 grams of carbon dioxide ? The molecular formula CO 2 tells us that 
Its molar mass is the mass of one mole of C atoms plus the mass of 
two moles of 0 atoms 


Molar mass of CO 2 - molar mass of C + (2 X molar mass of 0) 
= 120 +(2 X 160) 

= 44 0 grams 


In our example, we have taken a smaller mass than 44 0 grams We 
have less than 1 0 mole If we have taken less than 1 0 mole of 
carbon dioxide, then we should have fewer than 60x10^^ mole- 
cules We will use these guides to check our answers 


Number of moles of CO 2 


mass of CO 2 
molar mass of CO 2 
_ 2 2 grams 

44 0 grams/mole 
= 0 050 mole 


An important aid in working numerical problems is found in writing 
words or units after each number to tell what each number measures 
Just as numbers can be combined, so can units We have two very 
quick checks on our problem solving The first was our guess that 
the answer would be less than 1 0 mole Our answer 0 050 mole 
confirms our guess The second check comes from combining units 
to give an answer which has the units asked for in the problem We 
can write out the units to show how the combination takes place 


grams 

grams/mole 


IS the same as 


or 


or 


grams x 

grams x 


1 

grams/mole 

mole 

grams 

mole 



Now let us find out how many molecules we have m 2 2 grams of 
CO 2 We will use units to check our calculation 
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. , , , , . X , ^ number of molecules 

Number of molecules of CO 2 * number of moles of COo X : 

mole 

= 0050 mole X 60 X 10“ molecules/mole 
= 30 X 10^ molecules 

This number is less than 6 0 X 10^^ which agrees with our guess of 
the answer 


EXERCISE 2-10 

How many moles of iron atoms are present in 1 67 grams of iron? 
How many iron atoms are present in 1 67 grams of iron ? 


If a chemist knows the relative masses of the elements in a com- 
pound, he can calculate the empirical formula for the substance 
The empirical formula gives only the relative number of each kind of 
atom in the compound Let us look at an example A chemist has 
made 32 0 grams of a compound called hydrazine Chemical analysis 
shows there are 28 0 grams of nitrogen and 4 0 grams of hydrogen 
in this compound What is the empirical formula for hydrazine? 

In a problem like this, we want to compare the number of atoms of 
nitrogen with the number of atoms of hydrogen This comparison Is 
easy to carry out if we calculate the number of moles of each element 
first 


Number of moles of N atoms 


mass of nitrogen 
molar mass of N atom 
28 0 grams 
140 grams/mole 
2 0 moles 


Number of moles of H atoms - 


mass of hydrogen 
molar mass of H atom 
4 0 grams 
1 0 gram/mole 
4.0 moles 


If we multiplied each of these numbers by 6 0 X 10“ , we would 
find the number of N atoms and the number of H atoms Since we 
Want to find the relative number of each kind of atom, we can com- 
pare the number of moles directly 

Number of H atoms _ moles of H atoms 4 0 moles H atoms ^ ^ 

Number of N atoms ” moles of N atoms 2,0 moles N atoms 



This last ratio is often called the mole ratio. The mole ratio in 
hydrazine is 20 H atoms for eveiy N atom We can write the 
empirical formula for this substance as (NHj) The molecular 
formula for the substance hydrazine is different from the empirical 
formula In later chapters we will discuss methods to establish the 
molecular formula for a compound The molecular formula for 
hydrazine is known to be Notice the mole ratio for the molecule 
IS 2 H for every N atom 


EXERCISE 2-11 

A compound contains 60 grams of carbon for each 20 grams of 
hydrogen Convince yourself that the empirical formula is CH^ for 
this compound 


2-10 Review 

The explanation for the regularity in gas behavior, PV = a constant, 
in terms of molecular particles is called a theory We make use of, 
a model system, ball bearings shaken in a box, in amving at this 
explanation In this chapter we have seen the theory grow 
Gases differ in properties like color, odor, and solubility in water 
The masses of molecules of different gases also are different The 
idea that equal volumes of gases (at the same temperature and pres- 
sure) contain equal numbers of molecules is called Avogadro's 
Hypothesis This proposal offers a simple explanation for the 
integral ratios observed for the reacting volumes of different gases 
Moreover, this idea leads to an experimental method for measuring 
the relative masses of molecules of different gases 
Chemists have found it useful to choose a particular number of 
molecules, 6 0 x 1CP, as the unit in comparing one substance with 
another This number is called Avogadro's Number, N. Chemists 
use the word mole when refemng to 6 0 x 10^^ particles 
In the nineteenth century the value 32 0 grams was chosen for the 
mass of one mole of oxygen molecules Since the oxygen molecule 
IS diatomic, the molar mass of atomic oxygen is 16 0 grams The 
molar mass for atoms of other elements can be established by com- 
parison with the molar mass of atomic oxygen 
In the next chapter we will see how important the idea of the mole 
can be when we begin to study chemical reactions 
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Questions and Problems for Chapter 2 


1 

How could you make money buying argon gas at $1 00 
per liter and selling it for $0 50 per liter? 

2 

Four differences between helium gas and nitrogen gas 
are listed below 

(a) Dry air contains 80% nitrogen but only 00005% 
helium (by volume) 

(b) Helium is much less dense than nitrogen 

(c) Helium has much lower solubility in water than 
nitrogen has 

(d) Helium is much more expensive than nitrogen 

Which difference could account for the fact that a deep- 
sea diver is much less likely to suffer from the bends if 
{le breathes a mixture of 80% helium and 20% oxygen 
than if he breathes air? (The bends is a painful, 
sometimes fatal, condition caused by the formation of 
gas bubbles in the veins and consequent interruption 
of blood flow The bubbles form from gas dissolved in 
the blood at high pressure ) 

3 

The most important step in the process for conversion 
of atmospheric nitrogen into important commercial 
compounds used for fertilizers or explosives involves 
the combination of one volume of nitrogen gas with 
three volumes of hydrogen gas to form two volumes of 
ammonia From these data alone and Avogadro's 
Hypothesis, how many molecules of hydrogen combine 
with one molecule of nitrogen ? How many molecules 
of ammonia are produced for each molecule of 
nitrogen used? 

4 

Gaseous uranium hexafluoride Is important m the prep- 
aration of uranium as a source of “atomic energy" 
A flask filled with this gas is weighed under certain 
conditions of temperature and pressure The mass of 
the gas is found to be 3,52 grams The same flask is 
filled with oxygen gas and is weighed under the same 
conditions The mass of the oxygen is found to be 
032 gram 


(a) What IS the ratio of the mass of one uranium hexa- 
fluonde molecule to the mass of an oxygen 
molecule ? 

(b) State any guiding principles needed in answering 
the question 

5 

A white substance, on heating, forms a colorless gas 
and a purple solid Is the substance an element or a 
compound? Why? 

6 

What do the following symbols represent? K, Ca, Co, 
CO, Pb, Hf, HF 

7 

Here are the names of some common chemicals and 
their formulas What elements does each compound 
contain? 


(a) hydrogen peroxide H2O2 

(b) jeweler's rouge FejCa 

(c) light bulb filament W 

(d) tetraethyl lead Pb{C2H5)4 

(e) baking soda NaHCOj 

(f) octane CjHjg 

(g) household gas CH4 


a 

For each of the following substances, give the name of 
each kind of atom present and the total number of 
atoms represented in the formula 


Name Formula 

(a) graphite (pencil lead) C 

(b) diamond C 

(c) sodium chloride (table salt) NaCl 

(d) sodium hydroxide (lye) NaOH 

(e) calcium hydroxide Ca(0H)2 

(f) potassium nitrate KNO3 

(g) magnesium nitrate Mg(N03)2 

(h) sodium sulfate Na2S04 

(1) calcium sulfate CaS04 


e 

All of the following substances are called ''acids/' 
What element do they have in common? 
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(a) nitric acid HNO3 

(b) hydrochloric acid HCI 

(c) acetic acid HC 2 H 3 O 2 

(d) sulfunc acid H 2 SO 4 

(e) phosphoric acid H3PO4 


10 

What does the molecular formula CBr* mean ? 

What additional information is provided by the struc- 
tural formula ? 

Br 

i 

11 

Write formulas for these compounds 

silicon dioxide 
sulfur dichloride 
nitrogen trifluoride 
aluminum trifluoride 
dinitrogen difluoride 

12 

Write formulas for these compounds 

hydrogen chloride 
hydrogen bromide 
hydrogen iodide 
boron trichloride 
carbon tetrachloride 
nitrogen trichloride 
oxygen dichloride 

13 

How many particles are there in a mole? 

14 

How many moles of oxygen atoms are in one mole of 
nitnc acid molecules.? Of sulfuric acid molecules ? 

15 

If we had one mole of pennies to divide among all the 
people in the world, how many dollars would each of 
the three billion inhabitants receive? 


16 

How many moles of people are there on earth ? 

17 

If there were a mole of people evenly distributed over 
the surface of the earth, including both land and sea, 
how many square inches would be allotted to each 
person ? 

18 

What IS the mass in grams of one silver atom ? 

19 

A liter of chlorine gas is 2 22 times as heavy as a liter 
of oxygen gas when both are measured at room tem- 
perature and pressure Calculate the molar mass of 
chlorine How does this value compare with the molar 
mass of atomic chlorine, found in the table of molar 
masses ? What is the formula of a molecule of chlorine ? 

20 

Suppose chemists had chosen a billion billion (10'^) 
as the number of particles in one mole What would the 
molar mass for molecular oxygen be ? 

21 

If 1 V 2 moles of hydrogen gas (H 2 ) react in a given ex- 
penment, how many grams of hydrogen does this 
represent? 

22 

Calculate the molar mass for each of these substances 
S1F4, HF, CI 2 , Xe, NO 2 

23 

Write the formulas for these compounds and give the 
mass of one mole of each 

carbon disulfide 
sulfur hexafluoride 
nitrogen trichloride 
osmium tetroxide 
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24 

Consider the following data 

Element Molar mass of atoms 
A 1201 

B 35 5 

A and B combine to form a new substance, X If four 
moles of B corribine with one mole of A to give one 
mole of X, then the mass of one mole of X is 

(a) 47 5 grams 

(b) 74 0 grams 

(c) 83 0 grams 

(d) 1540 grams 

(e) 166 0 grams 

25 

A flask of gaseous CCI4 was weighed at a measured 
temperature and pressure The flask was flushed and 
filled with oxygen at the same temperature and pres- 
sure The mass of the CCI 4 vapor will be about 

(a) the same as that of oxygen 

(b) one-fifth as heavy as the oxygen 

(c) five times as heavy as the oxygen 

(d) twice as heavy as the oxygen 

(e) one- half as heavy as the oxygen 

26 

In Experiment 5 you calculated the ratio of the mass of 
carbon dioxide to the mass of the same volume of 
oxygen Molecular oxygen has been assigned a molar 
mass of 32 0 grams From the molar mass of oxygen 
and your measured ratio, calculate the molar mass of 
carbon dioxide Estimate the uncertainty in your result. 
Compare the value you obtain with the molar mass of 
CO 2 calculated on page 34 

27 

A glass bulb weighs 108 1 1 grams after all of the gas 
has been removed from it When filled with oxygen gas 
at atmospheric pressure and room temperature, the 
bulb weighs 109.56 grams When filled, at the same 
pressure and temperature, with a gas sample obtained 
from the mouth of a volcano, the bulb weighs 111.01 
grams. Which of the following molecular formulas for 
the volcano gas could account for the data ? 


CO2 SO3 

OCS S, 

S 12 H 4 A gas mixture, half CO 2 and half Kr 

SO2 

NF3 

28 

A chemist weighs out 10 0 grams of water, 10 0 grams 
of ammonia, and 100 grams of hydrogen chloride 
How many moles of each substance does he have ? 

29 

How many moles of atoms are there in 9 0 grams of 
aluminum ? In 0 83 gram of iron ? 

30 

How many moles are there m 49 grams of H 2 SO 4 ? 

31 

The most delicate balance can detect a change of 
about 10~® gram How many atoms of gold would 
there be in a sample of that mass ? 

32 

A stone about the size of a softball weighs pughly one 
kilogram How many moles of such stones would be 
needed to account for the entire mass of the earth, 
about 6 X 10^ grams? 

33 

How many atoms are in a copper penny (mass 
2 grams) ? 

34 

How many grams of table sugar (C 12 H 22 O 11 ) are needed 
to supply one molecule for each of the 3x10’ people 
on earth? 

35 

Acetylene gas is used m welding Acetylene contains 
30 grams of carbon for each 2.5 grams of hydrogen 
What Is the empirical formula for acetylene? 

36 

There are two common oxides of sulfur One contains 
32 grams of sulfur for each 32 grams of oxygen. The 
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other oxide contains 32 grams of sulfur for each 48 
grams of oxygen What are the empincal formulas of 
these oxides? 

37 

A variety of phosphorus called red phosphorus is used 
in match heads It bums to produce an oxide, 0142 
gram of the oxide containing 0 062 gram of phosphorus 
What is the empincal formula of this oxide ? 

38 

There are two known compounds containing only 
tungsten and carbon One is the very hard alloy, 
tungsten carbide, used for the edges of cutting tools 
Analysis of the two compounds gives, for one, 1 82 
grams of tungsten per 012 gram of carbon, and for 
the other compound, 3 70 grams of tungsten per 
012 gram of carbon What are the empirical formulas 
for these compounds? 

38 

Equal volumes of oxygen gas and gas >4 are compared 
at the same temperature and pressure 

The mass of oxygen >= 0 64 gram 
The mass of gas A « 3 42 grams 

(a) Calculate the molar mass for gas A, 

(b) Given the empincal formula for gas A, CFaCI, what 
is the molecular formula for this gaseous sub* 
stance? 

40 

Gat A, a compound containing nitrogen and oxygen, 
was compared to gas B in an experiment Equal 


volumes of gas A and gas B are compared at the same 
temperature and pressure 

Mass of gas A 0 66 gram 

Mass of gas B 0 30 gram 

Molar mass of gas 8 16 0 grams 

(a) Which of these oxides of nitrogen is gas A? 
NA NO, NOa, NaOj, NjO, 

(b) Gas i? IS a compound containing only carbon and 
hydrogen What is the molecular formula for 
gasfi? 


41 

in Problem 40(a), the formulas for five different nitrogen 
oxides are listed For each of these, calculate the 
g oxygen 

oxygen to nitrogen mass ratio, — : Show that 

g nitrogen 

these ratios are themselves in the ratio of small whole 
numbers What does this tell you about the mass of 
oxygen for a fixed mass of nitrogen in these com- 
pounds ? This regularity is sometimes called the Law 
of Multiple Proportions. 


42 

In addition to water, hydrogen and oxygen form a 
compound called hydrogen peroxide, HA Calculate 
the ratio of grams of oxygen to grams of hydrogen for 
one mole of these two compounds Compare the rela- 
tive masses of oxygen in these two compounds Does 
this companson illustrate the Law of Multiple 
Proportions? 
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Principles of 
Chemical Reactions 



You have studied several chemical reactions m the expenments 
that you have pefformed in the laboratory for this course A candle 
burning in air produces carbon dioxide and water Copper wire 
reacts with a solution of stiver nrtrate to form metallic stiver. Alumi- 
num metal dissolves in a copper chloride solution Chemical changes 
are taking place in each of these expenments 

We don't have to be in a laboratory to observe chemical reactions. 
There are many occumng around us every day. Gasoline is burned 
in an automobile engine to provide energy to make ^ automobile 
move. Growing plants convert carbon dioxide and water into complex 
chemical substances and release oxygen to the atmosphere Chem- 
ical reactions take place m the dry ceils of a flashlight When we 
push the flashlight button down, a beam of light is produced. 
Important structural materials tike aluminum and steel are produced 
through chemical reactions Drugs like penicillin and synthetic 
fibers such as nylon are known to all of us These, and hundreds 
of other substances, are examples of important substances made 
through chemical reactions 

A chemist wants to understand and control chemical reactions In 
this chapter we will examine some simple ones We will find that 
certain principles apply in any chemical reaction that is studied. 
Suppose we begin with a reaction that forms a familiar substance, 
water 


3-1 Formation of Water from Hydrogen and Oxygen 

Water is produced when two volumes of hydrogen gas combine with 
one volume of oxygen gas The properties of water are very different 
from the properties of the starting materials, hydrogen and oxygen. 

Try to imagine what is happening at the molecular level We begin 
with hydrogen and oxygen molecules Water molecules form in the 
reaction For this to happen the bonds between atoms in the reacting 
substances are broken New bonds form as the atoms rearrange to 
give water molecules Molecular models help us picture this change. 
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FIGURE 3-1 


Molecular models 


reacts with 


2 H 2 + O 2 — >*2H20 


Two hydrogen molecules and one oxygen molecule are represented 
on the left of Figure 3-1 When these molecules react to form water, 
the bonds between the atoms m the oxygen molecule and in the 
hydrogen molecules must be broken As water molecules form, the 
molecular models show clearly that new chemical bonds form A 
chemical change has taken place Although the atoms regroup to 
form two wate** molecules, the total number of atoms does not 
change 


EXERCISE 3-1 

Suppose ten hydrogen molecules and ten oxygen molecules are 
mixed How many molecules of water could be formed? What 
would be leftover? 


EXERCISE 3-2 

One million oxygen molecules react with sufficient hydrogen mole- 
cules to form water molecules How many water molecules are 
formed ? How many hydrogen molecules are required ? 


Production of 100 water molecules requires 100 hydrogen molecules 
to react with 50 oxygen molecules We would need 60 X 10^^ 
hydrogen molecules to react with 30x10^^ oxygen molecules to 
produce 60x10^^ water molecules 
To make one mole of water, one mole of hydrogen gas must react 
with one-half mole of oxygen gas 
These results are summarized in Table 3-1 


TABLE 3-1 

Reacting Amounts of Hydrogen and Oxygen to Form Water 


Hydrogen 

Oxygen 

(In numbers of molecules) 

Water 

2 

1 

2 

100 

50 

100 

60X10” 

30X10” 

60 X 10” 


(In number of moles) 


1 

V 2 

1 

2 

1 

2 

10 

5 

10 


If one mole of hydrogen gas reacts with one-half mole of oxygen 
gas at 25X, one mole of liquid water is produced A large amount of 
heat energy is given off during this reaction The quantity of heat 
energy produced when one mole of liquid water is formed is 68,300 



43 


calories (A calorie is the unit of heat energy that chemists use It 
IS the amount of heat energy needed to raise the temperature of one 
gram of water 1 C* ) Two moles of hydrogen react with one mole of 
oxygen Two moles of water would be produced and 2 x 68,300 
calories, or 136 6 kilocalories, of heat energy would be released 

This heat energy must come from the reactants, hydrogen and 
oxygen, since no heat energy was supplied from the outside after 
the reaction started We may conclude that water has less energy than 
the reactants used to make it A chemical reaction in which energy 
Is released is called an exothermic reaction. 

If we mix hydrogen gas with oxygen gas and then ignite the 
mixture with a spark, a violent explosion results Even so, the quantity 
of water produced is the same, per mole of hydrogen gas reacting, 
as in controlled burning 


EXERCISE 3-3 

How much heat energy is released when ten moles of hydrogen gas 
burn? One-tenth mole? 


Oxygen- 



Weter t uace of 
suifunc acid 



3-2 Decomposition of Water 

We can decompose the water m a solution of water and sulfuric acid 
by passing an electric current through the solution The way to do 
this is shown in Figure 3-2. Two pieces of metal called electrodes 
are placed m the solution When the electrodes are connected to a 
source of electrical energy, hydrogen gas appears at one electrode 
and oxygen gas at the other If we operate the apparatus until one 
mole of water has decomposed, one mole of hydrogen gas and one- 
half mole of oxygen gas are produced, Electrical energy causes the 
decomposition of water If energy is absorbed in a chemical reaction, 
we call It an endothermic reaction. 

Let us compare the formation and decomposition of water We 
can show with molecular models. Figure 3-3, that the chemical 


Storage 

battery 


(Source of DC electricity) 


FIGURE 3-2 

Electrolytic decomposition of water 


o 


w 


reacts with 


IS decomposed to 




riQURE 3-3 
Molecular models 


2H2O 

change in the formation of water is exactly the reverse of the chem- 
ical change m water decomposition Simple rules describe these 
changes In each drawing we find two oxygen atoms on the left 
and two oxygen atoms on the right, We can see four hydrogen atoms 
on the left and four on the right Atoms are neither gained nor lost 
Atoms are conserved in chemical reactions 


2H2 + O2 




3-3 Conservation of Mass 


Belief in the conservation of atoms is based upon a generalization 
that has stood the test of many experiments There is no detectable 
increase or decrease m the quantity of matter during a chemical 
change Since we often measure a quantity of matter in terms of its 
mass, we may say that mass is conserved One mole of liquid water 
weighs 180 grams When this amount of water is decomposed, 
2 0 grams of hydrogen and 1 6 0 grams of oxygen are produced 


1 mole of 
water, H 2 O 


1 mole of 
hydrogen, 

+ 

0 0 

0 <D 

0 

180g 


20g 

+ 

160g 


18 Og give 18 Og products 

reactants 

In chemical reactions 

Matter is conserved 
Atoms are conserved 
The mass of the reactants is 
equal to the mass of the products 

The number of moles of molecules may not be conserved in 
chemical reactions We can understand this by recognizing that 
molecules undergo change or rearrangement in a chemical reaction 
In our example of water decomposition 

1 mole IV 2 moles 

reactants product 

Moles of molecules are not necessarily conserved m a chemical 
reaction 

3-4 Equations for Chemical Reactions 

The molecular models we have used in representing chemical reac- 
tions help us visualize the rearrangement of atoms in the reactions 
By a slight change we can show the results in a less detailed but 
simpler way Chemical formulas can be used rather than drawings of 
the atoms and molecules The formula of hydrogen is H 2 , the formula 
of oxygen is O 2 , and the formula of water is H 2 O By using the 
formulas to represent the molecules, we can write 

2H2-f 102-^2H20 
4H2 + 202--^4H20 

2H2O— ►IO2 + 2H2 

Such expressions are called chemical equations. Notice that we 
show two molecules of a substance by writing the coefficient 2 






before the formula The coefficient 2 before the formula HjO means 
two molecules of water In two molecules of water, there are four 
hydrogen atoms and two oxygen atoms Notice also that we can 
change the first equation into the second by doubling all the co- 
efficients We can change the first equation into the third equation 
by writing it in the opposite direction 

In all chemical equations, atoms are conserved Every symbol, 
when multiplied by the subscript after it and the coefficient before 
the formula, must appear as often on the left side of the equation as 
on the right 

Let us consider another example Natural gas contains a large 
amount of methane, CH^ The chemical equation for methane burn- 
ing in oxygen is 


1CH4 + 2 02^1C02-|-2H,0 

There is the same number of each kind of atom in the reactants and 
in the products One carbon atom, four hydrogen atoms, and four 
oxygen atoms are represented on each side of the equation Because 
of the relationship between a molecule and a mole, we can read this 
equation in two ways 

One molecule of methane + two molecules of oxygen 

one molecule of carbon dioxide + two molecules of water 

or 

One mole of methane -f two moles of oxygen — ► 

one mole of carbon dioxide + two moles of water 


3-5 Writing Equations for Reactions 

Let us practice writing equations for chemical reactions First, we 
have to know what the reactants and products are Then we follow 
two simple principles 

(1 ) We have to be able to write the correct molecular 
formula for each reactant and each product 

(2) We must show conservation of atoms 

Consider the reaction for the burning of magnesium to form 
magnesium oxide The formulas needed are Oj, Mg, and MgO 
When writing chemical equations, we write the formulas for the 
reactants on the left and the formulas for the products on the right 

Mg H- O 2 — ► MgO 

In order to conserve atoms, we must find numerical coefficients to 
place before each correct formula to obtain the same number of 
atoms of each element on the left side of the equation as there are 
on the right The process of finding these coefficients is called 
balancing the equation 



First, suppose one mole of oxygen 
gas IS consumed in the reaction 

One mole of oxygen gas, with its 
two moles of oxygen atoms, forms 
two moles of magnesium oxide 

But two moles of magnesium oxide 
require two moles of magnesium 
metal 

Atoms are conserved in the last statement, the equation is balanced 
We could have decided to begin balancing the equation by 
choosing one mole of magnesium metal as the amount of reactant 
consumed in the reaction 

1 Mg + O 2 — >MgO 
1 Mg + O 2 — ^1 MgO 


Mg + V 2 02-^1 MgO 


Suppose one mole of magnesium is 
consumed in the reaction 

One mole of magnesium will form 
one mole of magnesium oxide 

One mole of magnesium oxide con- 
tains one mole of oxygen atones, the 
number in one-half mole of oxygen 
molecules 


Mg -h1 02-^ MgO 
Mg + 1 02-^2 MgO 

2 Mg-h 1 02-->2Mg0 


This statement is also a balanced chemical equation Atoms are 
conserved 

Either way of writing the chemical equation for the burning of 
magnesium is acceptable 

2Mg + 102‘-^2Mg0 
1 Mg + VzOj-^l MgO 

We can multiply all of the coefficients in the second equation by 2 
to obtain the first equation We can always multiply or divide all 
coefficients m a balanced chemical equation by the same number and 
obtain an equally valid equation In writing equations we often drop 
the coefficient 1, but it is never wrong to write it in the equation 
This example shows you that it does not matter where you start 
in balancing a chemical equation The important thing is that you 
start 1 A few more examples will help you learn to balance equations 
Hydrogen gas, Hj, and chlorine gas, CI 2 , react to form hydrogen 
chlohde gas, HCI 


Suppose we assume one mole of H 2 
reacts Consen/ation of hydrogen atoms 
requires that two moles of HCI be 
produced 


1 H2 + Cl2-^2HCI 



There are two moles of chlorine atoms 
m the product, hydrogen chloride One 
mole of CI2 IS required 
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1 Hj + 1 Cl2-^ 2 HCI 
or 

H2 + CI2— > 2 HCI 

Formaldehyde has the molecular formula, HjCO Formaldehyde 
reacts with oxygen to form carbon dioxide and water What is the 
equation for this reaction ? Let us start with one mole of formaldehyde 
One mole of carbon atoms, and two moles of hydrogen atoms, must 
appear in the products We can write 

IHjCO + yOj— i^lCOj + IHjO 

Notice that we have not yet determined the coefficient of 0 ^ We 
have designated it as / to remind ourselves of this Oxygen atoms 
must be conserved. Since three moles of oxygen atoms appear in 
the products of this reaction, three moles of oxygen atoms must have 
been present in the reactants One mole of oxygen atoms can be 
counted in one mole of formaldehyde Two more moles of oxygen 
atoms must be supplied by molecular oxygen Since oxygen is a 
diatomic molecule, y must be equal to 1 

IH 2 CO + IO 2 — >1C02 + 1H20 
or 

H2CO+ 02 —^ CO2+ H2O 


EXERCISE 3-4 

Ammonia, NH3, reacts with oxygen, O2, to give nitrogen, N2, and 
water, HjO Follow the logic of each step in balancing this reaction 


NH3 + 

N2+ H2O 

NH3 + 

O2— >1N2+ H2O 

2NH3 + 

Oj-^INj-F H2O 

2NH3 + 

02-^1 N2-H3H2O 

2NH3 + ’/202-^1N2 + 3 H 20 


State briefly what was done in each step 


EXERCISE 3-5 

A paraffin candle burns in air to form water and carbon dioxide 
Paraffin is made up of molecules of several sizes We shall use the 
molecular formula C25H52 as representative of the molecules present 

Formulas of Reactants Formulas of Products 

C25H52 + O2 — ► H2O + CO2 


Suppose one mole of paraffin is burned We can write 


(Exercise 3-5 continued cnp 48) 
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(£xercise3-5 continued from p 47) 


1 C 25 H 52 + / O 2 -> 26 H 2 O + 25 CO 2 

We still have not determined the coefficient for O 2 Since 76 0 atoms 
are required for the products [26 + (2 X 25) = 76], they must have 
been present in the reactants Show that / must be 38 

C 25 H 52 + 38 O 2 26 H 2 O + 25 CO 2 


Usually it IS more useful to think of equations in terms of moles 
rather than molecules A molar mass can be easily weighed In the 
reaction represented by the equation 

2Mg + 02~>2Mg0 

two moles of magnesium weighing 48 6 grams react with one mole 
of oxygen weighing 320 grams Two moles of magnesium oxide 
weighing 80 6 grams are produced Mass is conserved 

48 6 grams + 32 0 grams = 80 6 grams 

Notice that moles of molecules are not conserved in this reaction 
Moles of atoms are conserved 


3-6 Calculations Based on Chemical Equations 

Balanced equations give us the information we need for computing 
the masses of the substances consumed or produced in chemical 
reactions 

Suppose we wish to know how many moles of water are produced 
when 68 grams of ammonia are burned We balanced the equation 
for this reaction in Exercise 3-4 

2NH3 + V2O2— ►N2 + 3H2O 

The molar mass of ammonia is 1 7 grams In this problem, 68 grams 
of NH 3 are burned How many moles of NH 3 is this ? 


68 grams NH 3 
17 grams/mole 


40 moles NH 3 


The balanced equation tells us that 


2 moles NH 3 3 moles H 2 O 
This must mean that 


4 moles NH3 6 moles HjO 

We see that 68 grams, or four moles, of ammonia produce 6 moles 
of water Since the molar mass for water is 1 8 0 grams, 6 X 1 8 0 or 
1 08 grams of water would be formed 



Let us review the steps we follow in this calculation 
First, we balance the chemical equation 
Second, we calculate the number of moles of ammonia that 
reacted. To do this, divide the mass of ammonia by the molar mass 
for ammonia 


Number of moles = 


mass 

mass of 1 mole 


mass 

molar mass 


Number of moles of ammonia = ~ NH 3 ^ ^ ^ 

17 grams/mole ^ 

Third, we can read from the balanced equation the relationship 
between moles of water and moles of ammonia From this relation- 
ship we can determine the number of moles of water that are produced 
from 4 0 moles of ammonia. 

Fourth, we calculate the mass of water by reversing the opera- 
tion in the second step. 
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Mass = Number of moles X molar mass 
Mass of H 2 O =>60 moles x 18.0 grams/mole 
« 108 grams HjO 

Another example will give us some practice in this kind of calcula- 
tion Suppose we want to know how much chlorine. Cl,, is required 
to make 730 grams of hydrogen chloride, HCL let us follow the 
steps we have discussed. 

First, balance the equation 

H, + Clj-^2HCI 

Second, calculate the number of moles of HCI to be produced. 


number of moles HCI 


mass HCI 
molar mass HCI 


number of moles HCI 


730 grams HCI 
36 5 grams/mole 


20.0 moles HCI 


Third, from the balanced equation, read the relationship between 
number of moles of Cl, and the number of moles of HCI. 


2 moles HCI can be made from 1 mole Cl,. 
20 0 moles HCI would require 10 0 moles Cl,. 


Fourth, calculate the mass of chlorine required. 


mass Cl, « number of moles Cl, x molar mass Cl, 
mass Cl, « 10 0 moles X 71 0 grams/mole « 710 grams Cl,. 

We would have to react 71 0 grams of chlorine with sufficient hydrogen 
to make 730 grams of hydrogen chloride. 



EXERCISE 3-6 

Show that 3 80 moles of oxygen are needed to burn 35 3 grams of 
paraffin by the reaction 

C 25 H 52 -f 38 O 2 26 H 2 O + 25 CO 2 


EXERCISE 3-7 

How many moles of oxygen, O 2 , are required to produce 242 grams 
of magnesium oxide by the reaction 

2 Mg + O 2 — > 2 MgO 


EXERCISE 3-8 

In Experiment 8 you determined the number of moles of silver 
chloride formed in the reaction of some sodium chloride with a known 
amount of silver nitrate How many moles of sodium chloride reacted 
with the silver nitrate? Compare this with the number of moles of 
sodium chloride you added 


3-7 Review 

All chemical reactions are described by the same principles Whether 
one IS d research chemist investigating new chemical reactions in the 
laboratory or an engineer involved in the industrial preparation of 
important chemicals, the same ideas apply In this chapter we have 
illustrated these principles 

In any chemical reaction, the bonds between atoms in molecules 
are broken or new bonds form to give molecular products Atoms 
are conserved in chemical reactions 

Chemists use balanced^hemical equations to describe chemical 
reactions Either molecular models or chemical formulas can be used 
to represent the reactants and products of a chemical reaction The 
reactants are placed to the left of an arrow The products are placed 
to the right of this arrow The equation is said to be balanced when 
the number of each kind of atom is the same on both sides of the 
arrow 

The balanced chemical equation is the key to the quantitative 
relationship between the substances that react or form in the 
chemical reaction, The coefficients in the balanced equation tell us 
the number of moles of each substance in the reaction Knowing the 
number of moles, one can readily calculate the mass of each sub- 
stance that enters into the chemical reaction 
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Questions and Problems for Chapter 3 


1 

One volume of hydrogen gas combines with one volume 
of chlorine gas to give two volumes of hydrogen 
chloride gas On the basis of many reactions, we have 
learned that the molecular formulas are Hj for hydrogen, 
Clj for chlorine, and HCI for hydrogen chloride The 
reaction can be represented with this equation 

H2 + Cl2--j^2HCI 

(a) According to this reaction, how many molecules 
of hydrogen chloride can be formed using one 
molecule of hydrogen ? 

(b) How many moles of hydrogen chloride can be 
formed using one mole of hydrogen? 

(c) How many molecules of hydrogen chloride can be 
formed using four molecules of chlorine? 

(d) How many moles of chlorine are required to pro- 
duce eight moles of hydrogen chloride? 

2 

The reaction between nitric oxide, NO, and oxygen, O2, 
can be written 

2N0 + 02*~>2N02 

(a) How many molecules of nitrogen dioxide, NO2, 
can be formed using two molecules of nitric oxide? 

(b) How many moles of nitric oxide are needed to give 
four moles of nitrogen dioxide? 

(c) How many moles of oxygen atoms are there in one 
mole of oxygen molecules? 

(d) How many moles of oxygen atoms are there in two 
moles of nitric oxide? 

(e) How many mole? of oxygen atoms are there in two 
moles of nitrogen dioxide ? 

(f) Use the answers to parts (c), (d), and (e) to verify 
that the reaction is written to conserve oxygen 
atoms 

3 

Write the equation for the reaction between nitrogen 
and hydrogen to give ammonia The molecular for- 
mulas are N2, Hj, and Nfla respectively 

(a) Verify that your equation conserves nitrogen atoms, 

(b) Verify that your equation conserved hydrogen 
atoms 


4 

Balance the equations for each of the following reac- 
tions Begin on the basis of one mole of the underlined 
substance 

(a) LiCI 

(b) Na + ^-^NaCI 

(c) Na + F2-~> NaF 

(d) 1 ^ -F Brj— ► NaBr 

(e) 0_2 + Cl2-^Cl20 

(f) Oa + ^-^CIjO 

Show that your answers to parts (e) and ff) contain 
the same information 

5 

Balance the equations for each of the following reac- 
tions involving oxygen. Begin on the basis of one mole 
of the underlined substance. 

(a) Ni + 02-~>NiO 

(b) Ni-f 02 ~>Ni 0 

(c) Li + ^— j-UjO 

(d) With the rocket fuel hydrazine, N2H4 
NzHx-f O2— >N2-f H2O 

(e) With the Important copper ore, chalcocite, CU2S: 
CU2S ’F O2 " CU2O "F SO2 

(f) With the important iron ore, iron pyntes, FeS2 
(This ore is sometimes .aferred to as "fool's gold" 
because of its bright golden luster.} 

FeS2 + O 2 Fe 203 -F SO 2 

6 

If 3 grams of substance A combine with 4 grams of 
substance B to make 5 grams of substance C and some 
D, how many grams of D would you expect? 

7 

When ammonia is decomposed into nitrogen and hy- 
drogen, the reaction absorbs heat energy The equation 
canbewnttenthisway. 



52 


2NH3 + 22kcaI-^N2 + 3H2 

(a) How many moles of nitrogen will be produced 
from two moles of ammonia ? 

(b) How much heat energy would be absorbed during 
the production of one mole of nitrogen ? 

(c) How much heat energy must be absorbed to 
produce nine moles of hydrogen ? 

(d) Calculate the mass of two moles of ammonia 
Compare that number to the sum of the masses of 
one mole of nitrogen and three moles of hydrogen 

8 

Balance the equations for the decomposition of am- 
monia, nitrogen trifluonde, and nitrogen trichloride into 
the elements Base each equation on the formation of 
one mole of nitrogen 

NH3->N2 + H2 
NF3'-^N2+F2 
NCIa-^Na-l-Clj 

Rewrite these equations to include this information 
Decomposition of ammonia and nitrogen tnfluoride are 
endothermic reactions, 22 kcal and 54 kcal per mole 
of nitrogen, respectively The decomposition of nitro- 
gen trichloride is exothermic, 109 kcal per mole of 
nitrogen Which of these three compounds would you 
expect to be dangerously explosive ? 

9 

In the manufacture of nitrie acid, HNO3, nitrogen 
dioxide reacts with water according to this equation 

3N02+H20->2HN03 + N0 

(a) Verify that the equation conserves oxygen atoms 

(b) How many molecules of nitrogen dioxide^ are re- 
quired to form 25 molecules of nitric oxide ? 

(c) How many moles of nitric oxide are formed from 
0 50 mole of nitrogen dioxide ? 

10 

One step in the manufacture of sulfuric acid is the 
burning of sulfur, $b, in air to form a colorless gas, SO 2 , 
sulfur dioxide. On the basis of this information 


(a) Write the balanced equation for this reaction 

(b) Interpret the equation in terms of molecules 

(c) Interpret the equation in terms of words 

(d) How many moles of sulfur dioxide can be produced 
from two moles of sulfur? 

11 

When iron rusts, it combines with oxygen of the air to 
form iron oxide, Fe 203 Which of the following state- 
ments IS FALSE ? 

(a) The equation is 3 O 2 + 4 Fe — ► 2 FsjOa 

(b) There are five atoms represented by the formula 
P®203 

(c) Oxygen gas is triatomic 

(d) The mass of the reactants equals the mass of the 
products 

(e) Atoms are conserved 

12 

Chlonne, CI 2 , is one of the most important industrial 
chemicals that we know Each day many tons of 
chlorme are produced by the electrolysis of sodium 
chloride Most of this chlorine is used to purify water 
supplies or to bleach paper and cloth The other 
product of this electrolysis is metallic sodium 

(a) Write a balanced equation for this electrolytic 
reaction 

(b) How many kilograms of sodium chloride are re- 
quired to make 1 00 X 10^ kilograms of chlorine? 

13 

Large amounts of the very important metal titanium, Ti, 
are made by reacting titanium tetrachloride with mag- 
nesium metal Titanium metal and magnesium chloride, 
MgCl 2 , are produced 

(a) Write the balanced equation for the reaction, 

(b) How many kilograms of magnesium are required 
to produce one kilogram of titanium ? 

14 

Copper wire reacts with silver nitrate solution to pro- 
duce silver metal and a solution of copper nitrate, 
Cu(N03)2. 

(a) Write a balanced equation for the reaction 

(b) How many grams of metallic silver would be pro- 
duced if 2 37 g of copper reacted ? 
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When iron filings react with a copper sulfate solution, 
metallic copper and a solution of iron sulfate, FeSO^, 
are produced 

(a) Write a balanced equation for the reaction. 

(b) How many moles of copper would be produced If 
2 45 g of iron react with an excess of copper 
sulfate solution ? 

(c) How many grams of copper would be produced ? 

16 

Silver reacts with nitnc acid as indicated by the 
equation 

Ag + 2 HNO3 NO2 + AgNOj + HjO 

(a) How many grams of nitric acid would be required 
to react with 5 00 g of silver? 

(b) How many grams of water would be formed? 

(c) How many grams of nitrogen dioxide would be 
produced ? 

17 

Hydrated copper sulfate, CUSO4 5 H2O, decomposes, 
when heated, to form anhydrous copper sulfate, CuSO^, 
and water 

(a) Write a balanced equation for the reaction. 

(b) How many grams of water would form if 5 00 g of 
the hydrate are heated? 

(c) How much of the anhydrous copper sulfate would 
be produced if 5 00 g of the hydrate is heated ? 

18 

Large amounts of SO2 needed to make H2SO4 are ob- 
tained by the reaction shown in Problem 5 (f) The 
Fe203 produced is also useful It can be used in blast 
furnaces to produce iron (the compound FeS2 cannot 
be used in blast furnaces) 

(a) How many kilograms of FeS2 are needed to produce 
128 kilograms of SO2? 

(b) Does the FejO^ weigh more or less than the FeS2 
from which it is made? 

19 

Use the equation obtained in Problem 10 to answer 
these questions 
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(a) How many kilograms of $1 are needed to produce 
641 kilograms of SOj? 

(b) SO2 can be burned to form SO3 How many kilo- 
grams of SO2 are needed to produce 801 kilograms 
OfS03? 

(c) SO3 reacts with water to form H2SO4 How many 
kilograms of sulfur are needed to produce 981 
kilograms of sutfunc acid 7 

20 

Graphite is one form of carbon, C It can be burned in 
air to produce carbon dioxide 

(a) Write the equation for the reaction 

(b) if one mole of graphite is burned, how many moles 
of carbon dioxide are produced ? What is the mass 
in grams for this amount of carbon dioxide ? 

(c) If five moles of graphite are burned in a vessel 
containing 10 moles of oxygen gas, what is the 
maximum number of moles of carbon dioxide that 
could be produced ? 

21 

If a piece of sodium metal is lowered into a bottle of 
chlorine gas, a reaction takes place Sodium chloride, 
table salt, is formed 

(a) Write the equation for the reaction. 

(b) How many moles of sodium chloride could be 
formed using one mole of sodium ? 

(c) How many moles of sodium chloride could be 
formed using 2.30 grams of sodium ? 

22 

Methane, the pnncipal constituent of natural gas, has 
the formula CH4 When it is burned in air, the com- 
bustion products are carbon dioxide and water. 

(a) Write the equation for the combustion of methm 

(b) How many moles of water could be formed using 
one mole of methane? 

(c) How many moles of water would be produced 
when 4.0 grams of methane are burned ? 

23 

If potassium chlorate, KCIO3, is heated gently, the 
crystals will melt. When the temperature gets high 
enough, potassium chlorate decomposes to give oxygen 
gas and potassium chloride, KCl 
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(a) Write the equation for this decomposition 

(b) How many moles of KCIO3 are needed to give 
1 5 moles of oxygen ? 

(c) How many moles of KCl would be formed when 
0 33 mole of KCIO3 decomposes ? 

(d) How many moles of oxygen would be produced 
from 122 6 grams of KCIO3? 

24 

One gallon of gasoline can be considered to be about 

25 moles of octane, CgHis 

(a) How many moles of oxygen must be used to burn 
one gallon of gasoline, forming carbon dioxide and 
water? 

(b) How many moles of carbon dioxide are formed ? 
How many kilograms? 

(c) How much carbon dioxide is released into the 
atmosphere when 1 0 gallons of gasoline are used 
in an automobile? Express your answer in pounds 
as well as kilograms (1 kilogram = 22 pounds ) 

25 

Iron burns in air to form a black solid oxide, Fe 304 

(aV Write the equation for the reaction 

(b) How many moles of oxygen are needed to react 
with one mole of iron? 

(c) How many grams of oxygen would this be ? 

(d) Can a piece of iron weighing 5 6 grams burn com- 
pletely to Fe 304 in a vessel containing 005 mole 
ofOi? 

26 

The reaction in Problem 9 relates to the manufacture of 

nitric acid 

(a) How many grams of nitric acid are formed from one 
'mole of nitrogen dioxide, according to the equation 
in Problems? 

(b) How many more grams of nitric acid could be made 
if the nitric oxide, NO, formed could be completely 
converted to nitric acid? 

27 

Hydrazine, N 2 H 4 , can be burned with oxygen to provide 

ener^ for rocket propulsion The energy released is 

150 kcal pet mole of hydrazine burned 


(a) How much energy is released if 1 0 0 kg of hydrazine 
fuel are burned ? Look at Problem 5 (d) for the 
reaction of hydrazine with oxygen 

(b) Compare the energy that would be released if the 
same mass of hydrogen, 1 0 0 kg, is burned as fuel 
instead (see Section 3-1) 

28 

Although sodium carbonate is needed in the manu- 
facture of glass, very little sodium carbonate is found in 
nature It is made using two very abundant chemicals, 
calcium carbonate (limestone) and sodium chloride 
The process involves several steps The overall reaction 
can be expressed this way 

CaCOa + 2 NaCl — ^ NajCOj + CaClj 

(a) How many grams of sodium chloride react with 
1 00 kg of calcium carbonate? 

(b) How many grams of sodium carbonate are 
produced ? 

29 

A substance used in manufacturing gasoline consists 
of finely divided platinum supported on an inert solid 
Suppose that the platinum is formed by the high tem- 
perature reaction between platinum dioxide, PtOa, and 
hydrogen gas to form platinum metal and water 

(a) How many grams of hydrogen are needed to pro- 
duce 1 0 gram of platinum metal ? 

(b) How many moles of water are produced at the 
same time ? How many grams of water ? 

30 

Hydrazine, N 2 H 4 , and hydrogen peroxide, HjOj, are 
used together as a rocket fuel The products of the 
reaction are nitrogen and water How many grams of 
hydrogen peroxide are needed per 1 00 X 10^ grams 
of hydrazine carried by the rocket? 

31 

The hourly energy requirements of an astronaut can be 
satisfied by the energy released when 34 grams of 
sucrose are burned in his body How many grams of 
oxygen would need to be carried in a space capsule to 
meet this requirement? The formula of sucrose is 
CijHzaOii Assume that the products of the reaction 
are carbon dioxide and water 
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The gaseous state is the simplest state of matter to understand 
It 1$ important to chemists because study of gases and their reactions 
made chemistry a quantitatnre science We have already discussed 
how the regularity in pressure-volume behavior of gases ted to the 
particle model of a gas This model, in turn, suggested further expen- 
ments We saw how Avogadro interpreted the simple combining 
ratios of gas volumes in chemical reactions This interpretation was 
so very important because it provided an experimental method to 
measure the molar mass of any gas 
in this chapter we shall explore some additional regulanties in gas 
behavior These regularities will help us understand the meaning of 
temperature at the molecular level 


4-1 Pressure-Volume Regularity 

In Chapter 1, we found through a simple expenment at constant 
temperature that the pressure of a gas increases when the gas 
volume IS decreased. This regularity for any gas can be expressed by 
the equation 

PxV^a 


where a is a constant that depends on the temperature and the 
amount of gas The equation shows that pressure and volume are 
inversely related As one goes up, the other goes down 
Let us carry out the experiment diagrammed in Figure 4-1 Two 
flasks of the same size are connected through a stopcock which 
initially is closed Oxygen gas, at pressure Pq^, is placed in the right- 
hand flask The same pressure of nitrogen gas is placed in the left- 
hand flask Both flasks are kept at the same temperature throughout 
this experiment According to Avogadro's Hypothesis the number of 
oxygen and nitrogen molecules are equal. Now we are ready to carry 
out the experiment It is a very simpid one We open the stopcock 
and then several hours later we close the stopcock The manometers 



Figure 4-1 

Equal pressures of Nj and O 3 . 

What happens when the stopcock is opened? 
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on the flasks show that no pressure change has occurred Chemical 
analysis shows that oxygen and nitrogen are present in both flasks 
How can we interpret this experiment? 

When the stopcock is opened, the volume available to each gas 
IS suddenly doubled Each gas expands to occupy the two flasks 
This spontaneous mixing of two gases is called diffusion The 
pressure of each gas decreases to one half its original value The 
measured gas pressure remains constant throughout the experiment 
Initially, 

^mMturad ■“ 

At the end of the experiment 

^maaiured ” POj PNj 

where we use the small letter p to indicate the contribution each 
gas makes to the total pressure The words partial pressure of 
oxygen are used to describe the symbol po^ But we also know that 

Poj - Va P Oi 
PNj “ V2 P Nj 

because the gas volume was doubled when the stopcock was 
opened Substitution of these last values for partial pressure of the 
two gases shows clearly why the measured pressure did not change 
during this experiment 

Pmtotwi ” POj "I" PNj 

=* V2 + V2 P Nj 
-Po,-Pu, 

The total pressure exerted by a mixture of gases is the sum of the 
individual pressures of the gases 


EXERCISE 4-1 

Start with 2 atmospheres pressure of oxygen and 1 atmosphere pres- 
sure of nitrogen in the experiment diagrammed in Figure 4-1 What 
would be the partial pressure of each gas after opening the stopcock ? 
What would the final gas pressure be ? 


EXERCISE 4-2 

Suppose the flask containing O 2 is twice as large as the flask con- 
taining Nj If each gas initially is at one atmosphere pressure, what 
are the final partial pressures for each gaS after the stopcock is 
opened ? What is the final total pressure ? 


4-2 Volume-Temperature Regularity 

Figure 4-2 illustrates an experiment to measure changes in gas 
volume as the temperature is varied A drop of mercury traps a sample 
of air in a long small-bore tube, closed at the bottom The length 
of the air samplers a measure of the gas volume The mercury plug 


Figure 4-2 

Apparatus for demonstrating the effect 
of temperature m the volume of a gas 
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stant pressure The gas volume increases as we increase the tem- 
perature This behavior is another important regularity for gases All 
gases behave this way Careful measurements of the molar volume 
of NH 3 gas at different temperatures are given in Table 4-1 We 
would find similar values for one mole of any gas 


TABLE 4-1 

Volume of 17 0 grams of NH 3 
at 1 atm Pressure 


Temperature 

Volume 

rc) 

(liters) 

-25 

204 

0 

224 

25 

244 

100 

306 

200 

388 


Let's plot this data to see if additional information can be obtained. 
The straight line in Figure 4-3 illustrates visually the volume- 
temperature regularity m gas behavior 
The volume of a gas increases as the temperature is increased The 
mathematical equation that describes a straight line graph is 
y » mx -F (/where m and dm constants for any particular line For 
our data we can write the equation 

V » /nr -f d 

V =* volume in liters 

If we extrapolate this line to higher temperatures, we see that the gas 
volume at 273®C is twice the original gas volume at 0“C Extrapolation 
to lower temperatures suggests the surprising result that the gas 
volume becomes zero at -273*C 1 When we cany out the expenment 
of lowering the temperature of a gas more and more, we find that the 
volume of a gas does not go to zero Before the temperature gets as 
low as -273®C, gases liquefy and then change to solids Neverthe- 
less the straight line relationshig between V and r ted scientists to 
wonder if there might not be a lowest possible temperature This 
temperature would be really zero, an absolute zero. We can sim- 
plify the appearance of the equation that describes the volume-tem- 
perature relationship Instead qf assigning zero on the temperature 
scale to the temperature of melting ice (0*C), let us assign zero to 
the extrapolated temperature (-273®C). This procedure establishes 
a new temperature scale, called the absolMte scale. Temperature on 
this scale is indicated by % degrees Kelvin The size of the degree 
IS the same on the Celsius and Kelvin scales. Only the zero or ref- 
erence point IS different Temperatures on the two scales are related 
by the equation 



-200r-10tf* 0* 100' 200“ W 
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Figure 4-3 

Volume vs temperature 
data for one mole of ammonia 


G«s vo/ama {frtarsj 
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0* 100“ 200* 300* 400“ 600“ 


Tewpenture, “/f 

Figure 44 

Volume vs temperature 
data for one mole of ammonia 


273*’ 

T = degrees, on the Kelvin scale 
t = degrees, on the Celsius scale 

The mathematical equation that describes the straight line seen in 
Figure 4-4 has the form, V = bT, where is a proportionality con- 
stant The regularity expressed in this equation can be stated in 
words 

At constant pressure the volume of a gas is directly pro- 
portional to the absolute temperature, T 


EXERCISE 4-3 

Express these temperatures in degrees Kelvin 

Water boils at 1 00“C 

Mercury freezes at -38 SX 

Nitrogen boils at - 1 96®C 

Iron melts at 1 535®C 

Express these temperatures in degrees Celsius 

Lead melts at 600°K 

Room temperature is 298°K 

Helium boils at 4®K 

Ammonia freezes at 1 S5®K 


4-3 Pressure-Temperature Regularity 

Let us see what happens to the pressure of a gas as the temperature 
IS changed The gas volume will be kept constant in this experiment 
Once again we will take 17 0 grams of NH 3 , one mole We would 
find similar pressure values for one mole of any gas 

TABLE 4-2 


Pressure for 17 0 grams of NH 3 , at a Constant 
Volume of 22 4 liters 


Temperature 

Pressure 

rc) rK) 

(atmospheres) 

-25 248 

091 

0 273 

1.00 

25 298 

1 09 

100 373 

1 37 

200 473 

174 


When the volume remains constant, gas pressure increases as the 
temperature goes up We might expect this result, for there are many 
examples in our daily lives When a kettle of water is heated to 
boiling, increasing gas pressure lifts the lid, allowing steam to escape 
During a long automobile trip, the tires get warm and the air pressure 
in the tires increases. 





The straight line in Figure 4-5 can be expressed mathematically, 
P ^ cT where c is a proportionality constant At constant volume 
the pressure of a gas is directly proportional to the absolute tem- 
perature, T We have found another important regularity m gas 
behavior 

The equation also tells us that any factors that affect the pressure 
of a gas must affect the temperature of a gas. Qualitatively we can 
see that the mass of a molecule and its velocity should be important 
in determining the pressure of a gas After all, a steel ball bearing 
delivers a bigger "push" m a collision than would the same size glass 
marble, moving at the same velocity In addition, a steel ball bearing 
moving at high velocity exerts a much bigger "push" in a collision 
than would a slow-moving ball bearing In the next section we will 
discuss the way m which temperature is measured We will then be 
able to understand how molecular mass and molecular velocity affect 
the pressure and the temperature of a gas 


4-4 The Meaning of Temperature 

If someone asked you to measure the temperature of a gas, you would 
undoubtedly think first of using a thermometer We can descnbe what 
IS happening when we use the thermometer If the thermometer is 
colder than the gas, heat energy flows into the thermometer until the 
gas and the thermometer are at the same temperature We read the 
scale on the thermometer to know what the gas temperature is On 
the other hand, if the thermometer is hotter than the gas, heat energy 
would flow from the thermometer. When there is no net flow of heat 
energy, the gas and the thermometer are said to be in thermai 
equilibrium. They are at the same temperature 

There are many kinds of thermometers Any substance can be used 
in a thermometer if it has some property that changes with tem- 
perature The thermometer you use in the laboratory depends on the 
expansion of liquid mercury as the temperature is raised. Gas 
thermometers are often used in precise scientific measurements 
Either a volume change (at constant gas pressure) or a pressure 
change (at constant gas volume) can serve as the basis for a gas 
thermometer 

Let us measure the temperature of gas A by placing it in thermal 
contact with a gas B, our thermometer. If A is initially at a higher 
temperature than S, heat energy flows from A to B. Our model 
of a gas helps us to understand what is happening Molecules of 
gas A have higher energy than the molecules of gas 5 Molecules 
of gas A collide with the wall separating the two gases Some of 
their energy is transferred to molecules of gas B on the other side 
of the wall It is this transfer of energy which raises the temperature 
of gas B At the same time the temperature of A goes down. It is 
as though molecules of gas A collide directly with molecules of 
gas B, The wall only acts to transfer energy. When the two gases 
are at the same temperature, no further net energy flow takes place. 
Thermal equilibnum exists 
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Figurt 4-6 

Pressure vs temperature data 
for one mole of ammonia 


It IS easy to see that we are interested in the molecular motion that 
carries a molecule up to the container wall This type of motion is 
called translation. Physicists use the words kinetic energy for the 
energy a particle has because it is moving (Later in this course we 
shall see that there are several kinds of molecular motions At this 
point we are only interested in translational motion ) The kinetic 
energy {KE) associated with translation of a particle is related to its 
mass and to its velocity 


^^fronilotteo "" 

When a molecule of gas A is traveling with high velocity, it has high 
kinetic energy. If it transfers some of its energy through the wall to 
a molecule of gas B, two things must happen The kinetic energy 
of gas B goes up, the kinetic energy of gas A goes down The 
temperature of a gas must be directly related to the average trans- 
lational kinetic energy of the gas Two gases are at the same tem- 
perature when their average translational kinetic energies are equal 
We are dealing with one of the most important concepts in science 
We can state this concept in words 

Temperature is a measure of molecular translational motion 
or 

Molecular translational motion is a measure of temperature. 


0CERCISE 4-4 

At a given temperature, the average of the molecules in two 
different gases will be the same Using NH3 and HCI as the two gases, 
explain why NH3 molecules will have higher velocities than HCI mole- 
cules, on the average 


We can see that the Kelvin, or absolute, temperature scale has a 
new significance because of the relationship between temperature 
and translational motion The zero on the absolute scale is the tem- 
perature at which there 1$ no longer any translational motion on the 
molecular level This temperature is called absolute zero. Scien- 
tists have discovered methods to reach very low temperatures, 
within 10“'^ degrees of absolute zero 
Substances behave in unusual ways at temperatures near 0 ‘’K 
investigations at temperatures within a few degrees of absolute zero 
form one of the most exciting research areas m science today. It is 
easy to understand why Until a substance reaches a very low tem- 
perature, the kinetic energy of nnolecular translation is often so great 
that It masks the energy effects of some other molecular behavior 
Lowering the temperature of a substance minimizes the disturbances 
caused by molecular translation, making it possible to measure other 
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4*5 The Kinttlc Tfiaory of QatM 

The molecuies of a gae> even at room temperature, are m rapid 
motion. They collide with the csontainer waifs and with other gas 
molecules many times each second. At any one instant some mole- 
cules expenence head-on collisbns. Other molacuies collide in a 
glancing manner. We would expect the direction a molecule Is 
moving to change many times each second, in addition, energy is 
transferred from one molecule to another dunng a collision A 
fast-moving molecule suddenly is slowed down. Then an instant 
later, after another collision, the molecule may gam energy and move 
with high velocity again. Because of collisions we would expect gas 
molecules to travel tn all directions and with different velocities. 

This description of the nature of a gas is one of the most important 
theones that scientists have developed. It is based on the particle 
model. It is essential in the particle model that each particle possesses 
energy of motion, called kinetic energy. The mathematical exprassion 
that describes this model is called the Kinetic Theory of Gases 

4-6 Molecular Velocities 

How fast do molecules move? Do all molecuies m a sample of gas 
have the same velocity? At any instant some molecuies will be 
colliding and others will be moving freely. Probably there is a 
dismbution with some high, some moderate and some low values 
of velocity. A look at a familiar distnbution may be helpful 

Thera probably are a few students m a typical chemistry class who 
are very tall. A few of the students are very short Most students are 
interm^iate in height Let's count the number of students in each 
two-inch height interval Of course, not all the students are the same 
height The graph in Figure 4-6 shows that there is quite a range of 
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DistnbutiQn of student heights. 




heights, from 4'8" to The students in the class are "distributed" 
over this height range The bars drawn in this figure indicate the 
distribution of student heights 

What IS the distribution of molecular velocity in a sample of 
gas? There is an experiment that will provide answers to these 
questions The device we use is illustrated in Figure 4-7. Two discs, 
0, and D 2 , rotate rapidly on the same axle These discs are in an 
evacuated chamber and rotate in front of an oven containing molten 
tin Some tin vaporizes and streams out of the small opening in the 
oven, striking the first rotating disc, 0, Once dunng every rotation, 
the slot in this disc is in line with the hole of the oven. Then a small 
sample of tin molecules can pass through the slot and move on 
toward the second disc, Dj The faster-moving molecules lead the 
way Slower- moving molecules begin to lag behind As the molecules 
reach the second disc they condense on it Since this disc also is 
rotating, fast-moving molecules would condense on sections B, C, 
and D Slow-moving molecules take a longer time to reach the second 
disc The speed of the rotating discs is adjusted so that the slowest 
molecules condense on sections /, J, and K. Many different groups 
of tin molecules pass through the first rotating disc each second. 
Soon a layer of metallic tin buitds up on the second disc The amount 
of tin in each of the sections, A through L, can be determined. The 
results of such an experiment are shown in Figure 4-8. The largest 
amount of tin is found on section / in our illustrative experiment, no 
tin IS deposited on the first or last sections, A and il From such a 
disc, the distribution curve shown in Figure 4-9 can be derived 

More information can be extracted from the expenment We can 
calculate approximately wl^at velocity a molecule must have to con- 
dense on a particular section of disc, Dj To do this, we must know 
how far apart the discs are and how fast they rotate Now we can 
plot the molecular velocity rather than the section letter on the x-axis. 
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Figure 4-8 

Schematic repre$entatioii of Disc 2 
after many revolutions 


Figure 4-9 

DistrMlon of molecular veiocities 
from rotating disc experiment 
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The dislributlon curve we obtain tells us what fraction of the tin 
molecules have a particular velocity A few molecules have very high 
velocities A few molecules have very low velocities Most molecules 
in a gas have intermediate velocities 
This experiment can be repeated at different temperatures The 
results are shown in Figure 4-10 for 500®K and for 1 SOO^K At the 
lower temperature the distribution of molecular velocities is rather 
narrow Not many molecules have high velocities As the tempera- 
ture IS increased, more molecules move with high velocity The 
distribution curve flattens out We see that there are always some 
slow-moving molecules at any temperature. The distribution curves 
show that there is a smaller fraction of slow-moving molecules at 
1 500°K than at 500°K At the same time, the curves show that there 
IS a larger fraction of fast-moving molecules at the higher temperature 
From experiments like this, we can get an idea of how fast molecules 
move The peaks in the distribution curves tell us that the largest 


Figure 4-10 

Molecular velocity diitribution 
for tin at two temperatures 




fraction of tin molecules have velocities of about 2 X 10* cm/sec at 
500"K and about 4 X 10* cm/sec at 1600“K. Table 4-3 gives some 
numerical values of molecular velocities for different gases and differ- 
ent temperatures (The average velocity is slightly larger than the 
peak velocity because the distribution curves are not symmetrical.) 

TABLE 4-3 
Molecular Velocities 


Molecule 

Tempecatura 

TO 

Average Velocity 
(cm/sec) 


H, 

273 

18 X 10* 

(about 1 mtle/sec) 

H, 

1500 

42X10* 


NHa 

273 

7.2 X 10* 


O 2 

273 

4.5 X 10* 


$n 

500 

33X10* 

(about % mite/sec) 

$n 

1500 

66 X 10 * 


Escape Velocity from Earth's Gravitational Field 

(about 7 miles/sec) 

Jet Airplane at 600 miles/hour 

(about % mile/sec) 


4-7 Molar Volume 

We will conclude our treatment of gases by diacussing the average 
distance between molecules. We can get an approximata Idea of this 
distance by comparing the molar volume of ammonia in the eolid, 
liquid, and gaseous states. The molar mass of ammonia, NH 3 , is 
17.0 grams. 

At -7d*’C, ammonia Is a solid with a density of 081 gram per 
cubic centimeter As the temperature is raM, the eolkf melts to a 
liquid at -‘77T. Just below the boiling temperature, liquid 
ammonia has a density of 0.68 gram per cubic centimeter. Above the 
temperature ~33T, ammonia is a gas. Since any gas expancb to fill 
Its container, we must indicate both the temperature and the preesure 
at which we measure its density. We will choose to measure the 
density of ammonia gas at 0°C and 760 mm pressure. At these con- 
ditions, ammonia gas has a density of 7 7 X 10~* gram per cubic 
centimeter This value is much lower than the density of either solid 
or liquid ammonia If we divide the molar mass of ammonia by the 
density, we obtain the volume occupied by one mole of ammonia. 
If we then divide that number by 6 0 x 1 0”, we get an estimate of 
the volume available to one molecule. See Table 4-4 


TABLE 4-4 

Molar and Molecular Volumes of ArnnKinia 


State 

Density 

(fl/cm*) 

Molar 

Volume 

(dll’) 

Volume 
per Molecule 
(cm^ 

Solid 

0.81 

21 

35 X 10"** 

Liquid 

0.68 

25 

41 X lO"** 

Gas (at 0®C, 1 atm) 

0.00077 

22,400 

37.000 X 10-“ 



The volume available to a molecule in a gas is much greater than 
the volume for a molecule in either the solid or the liquid state There 
IS about 1 000 times more space for the molecule in the gas state We 
can understand now why it is easy to compress a gas and why it is 
very difficult to compress solids or liquids A gas sample contains a 
great deal of space between molecules 


EXERCISE 4-5 

Explain the experimental observation that diffusion occurs much more 
rapidly in a gas than in a solid or a liquid 


The numbers in Table 4-4 allow us to make another calculation 
It seems reasonable to assume that the volume of a molecule is about 
the same whether it is in the solid, liquid, or gaseous state Let us 
consider that the volume available to a molecule has the shape of a 
sphere The formula for the volume of a sphere is = Vr® We 
can use the numbers in the last column of Table 4-4 to obtain the 
values of r The approximate distances between the centers of two 
molecules are given by 2r 

Solid a/'s 4x10^® cm 
Liquid 2r ~ 4.2 X 10"®cm 
Gas 2/’ « 40 X 10“®cm 

These numbers indicate that molecules in a gas are much farther 
apart than they are in the solid or liquid states 

4-8 Review 

We have seen our model for a gas grow as we carried out more 
experiments The original suggestion that a gas might be compared 
with a group of steel ball beanngs shaken in a box has proved very 
useful Using this model, we can understand the regularities in 
behavior of a gas 

PV « (a constant) « $ 

1/ =» (a second constant) (T) - i&r 
^ « (a third constant) [T) cT 

The model of a gas that we have outlined in our discussion is the 
basis for one of the most important theories of science, the Kinetic 
Theory of Gases. Let us summarize the nature of a gas In the 
next chapter we will see how these ideas can be extended to liquids 
and solids 

A. A gas is made up of very small particles called 
mohcufes 

B Molecules m a gas move with high average velocities 
There is a range of velocities at any particular tempera- 
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ture SomMfilecules have low vefocity Some mole- 
cules ha^^^Bhigh velocity 

C Moieculel^^We with each other many times each 
second We associate the pressure exerted by a gas 
with the collisions molecules make with the walls of 
their container 

D Except at extremely high gas pressure, the volume of 
the molecules is small compared to the volume of the 
container 

E The absolute temperature of the gas is a measure of the 
average kinetic energy of the molecules 

Table 4-5 summanzes some of the numencal values for a typical 
gas, NH3 


TABLE 4-5 


Properties for One Mole of NH3 at 0®C and 1 atm Pressure 


Molar volume 
Number of molecules 
Percentage of empty space 
Volume of one molecule 
Average molecular velocity 
Average distance between two molecules 
Number of collisions per second for each 
molecule 

distance traveled between 


^400 cm* 



3:3 X 10’® cm* 
about? X 10^ cm/sec 
40 X 10”* cm 

about 10^ per second 

about 10“* cm 


An idea of the distance between molecules in a gas is given by 
the circles on this page They represent ammonia molecules (about 
4 X 10*® cm across) separated by approximatelMD X 10~® cm. 
Both dimensions are drawn on a scale 25,000,00^^^ iaroer than 
actual 


Questions and Problems for Chapter 4 


1 

What IS the molar mass of a gas if 1 00 liter of the gas 


weighs 200 grams at 0°C and one atmosphere 
pressure? 

2 

The gas sulfur dioxide combines with oxygen to form 
the gas, sulfur tnoxide What value would you expect 
for each of these ratios? 

. . number of SO3 molecules produced 

(31 ■ ' ~ — —■* 

of O2 molecules consumed 

. .^ ^■wne of SOa gas produced 
^ ^ volume of O2 gas consumed 


3 

Compressed oxygen gas is sold at a pressure of 130 
atmospheres in steel cylinders of 40 liters volume. 

(a) How many moles of oxygen are in one of these 
cylinders? 

(b) How many kilograms of oxygen are in one of these 
cylinders? 

4 

A 1 JO liter sample of dry air in a cylinder exerts a 
pressure of 3 00 atmospheres at a temperature of 25‘’C. 
Without change in temperature, a piston is moved in 
the cylinder until the pressure in the cylinder is reduced 
to 1 .00 atmosphere What is the volume of the gas ? 
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6 

Suppose the total pressure in an automobile tire is 
30 pounds/mch^ and we want to increase the pressure 
to 40 pounds/inchl What change in the amount of air 
in the tire must take place ? Assume that the tempera- 
ture and volume of the tire remain constant 

6 

A student collects a volume of hydrogen over water 
He determines that there are 200 x 10”^ mole of 
hydrogen and 6 0 X 1 0”^ mole of water vapor presant 
If the total pressure inside the collecting tube is 760 mm, 
what 18 the partial pressure of each gas? 

7 

A sample of nitrogen is collected over water at 18 
The vapor pressure of water at 1 8 5®C is 1 6 mm. What 
are the partial pressures of nitrogen and of wdter if the 
total pressure is 756 mm? 

8 

A cylinder contains nitrogen gas and a small amount of 
liquid water at a temperature of 25°C (the vapor pres- 
sure of water at 25X is 23 8 mm) The total pressure 
is 600.0 mm A piston is pushed intoihe cylinder until 
the volume is halved What is the final total pressure ? 

Answer. 1176 mm 

» 

Why does the pressure build up in a tire on a hot day? 
Answer in terms of the Kinetic Theory 

10 

Two glass containers have the same volume One is 
fied with hydrogen gas, the other with carbon dioxide 
Both containers are at the same temperature and 
pmsm 

(e) Compare the number of moles of the two gases 
(t>) Compare the number of molecules of the two gases 
(4 Campare the number of grams of the two gases 
(d) The tamper^ure of the container of hydrogen gas 
is mofetted. Now compare the pressure, the vol- 
ume, the number of moles, and the average molecu- 
^ lirldnedcanetfy 


11 

Why IS It desirable to express ail temperatures in de- 
grees Kelvin when working problems dealing with gas 
relationships? 

12 

The boiling and freezing terpperatures of certain liquids 
are listed below Express these temperatures on the 
absolute temperature scale , 

Liquid helium boiling temperature -269*’C 

Liquid hydrogen freezing temperature -259®C 

Liquid hydrogen boiling temperature -263®C 

Liquid nitrogen freezing temperature -210®C 

Liquid nitrogen boiling temperature - 1 96®C 

Liquid oxygen freezing temperature -219®C 

Liquid oxygen boiling temperature -183'’C 

13 

How many molecules are there in a molar volume of a 
gasatlWC? atO^C? 

14 

If 1.00 X 10^ ml of a gas at lO^’C are heated to 20”C, 
the volume of the gas will be approximately (Pressure 
and number of molecules are kept constant ) 

(a) 50 ml 

(b) 100 ml 

(c) 103 ml 

(d) 200 ml 

(e) 375 ml 

16 

What 18 the molar volume of water under each of the 
following conditions? 

(a) Solid, 0°C Density of ice = 0 91 5 g/ml 

(b) Liquid, OX Density of water » 1,00 g/ml 

(c) Gas, IQfT'C Density of water vapor (100*’C and 
1 atm) « 588 X 10“^ g/ml 

16 

Compare your answers in Problem 15 with the values 
for ammonia given on page 65. You know that an ice 
cube floats In water Would an ammonia "ice cube" 
float or sink m liquid ammonia ? 
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17 

A carbon dioxide fire extinguisher of 3 liters volume 
contains 44 kilograms of COj What volume of gas 
could this extinguisher deliver at 25°C and one atm 
pressure? 

18 

Hydrogen for weather balloons is often supplied by the 
reaction between solid calcium hydride, CaH2, and 
water to form solid calcium hydroxide, Ca(0H)2, and 
hydrogen gas 

(a) Balance the equation for the reaction between 
water and calcium hydride 

(b) How many moles of CaHj would be required to 
fiil a weather balloon with 2B0 liters of hydrogen 
at 25*'C and one atm pressure ? 

(c) What mass of water would be required to generate 
the hydrogen ? 

19 

A gas phase reaction between methane, CH4, and 
oxygen, O2, is earned out in a sealed container. Under 
the conditions used, the products are carbon dioxide 
and hydrogen The reaction is exothermic so the tem- 
perature rises during the reaction. 

(a) Will the final pressure be greater or less than the 
original pressure? 

(b) By what factor does the pressure change if one 
mole of methane and one mole of oxygen react 
(the temperature changes from 26*C to 200“C) ? 

Answer: 2 38 

20 

Combustion of gasoline, typical formula CiHis, provides 
the energy to propel an automobile As the gasoline 
bums in the car cylinder, the pressure increases and 
forces the piston down. This motion in turn is trans- 
mitted to the wheels of the car. Oxygen reacts with 
the gasoline to form carbon dioxide and water, re- 
leasing enough energy to heat the gas from 300®K 
to about ISOO^K 

(a) Balance the equation for the reaction 

(b) Decide whether the work done by the gas in the 
cylinder is mainly the result of pressure rise caused 
by the change in number of moles of gas or the 
result of pressure rise from heating. 


21 

A vessel contains equal numbers of oxygen and hydro- 
gen molecules The pressure is 760 mm when the 

volume IS 50 liters Which of these statements is 

FALSE? 

(a) On ^ the average, the hydrogen molecules are 
traveling faster than the oxygen molecules 

(b) On the average, more hydrogen molecules strike 
the walls per second than oxygen molecules 

(c) If the oxygen were removed from the system, the 
pressure would drop to 190 mm 

(d) Equal numbers of moles of each gas are present 

(e) The averagb kinetic energies of oxygen and hydro- 
gen molecules are the same 


22 

The vapor pressure of a molten metal can be measured 
with a device called a Knudsan cell This is a container 
closed across the top by a thin foil pierced by a small 
hole of known diameter The cell is heated in a vacuum 
until the vapor streams from the small hole (it effuses) 
The mass of the material escaping per second tells the 
rate at which gaseous atoms leave Two identical 
Knudsen cells are heated at 1 000®C One cell contains 
lead and the other ceil contains magnesium. 

(a) Contrast the average kirietic energies of the lead 
and magnesium atoms within each cell 

(b) Contrast the average velocities of the lead and 
magnesium atoms leaving each cell 

(c) At a fixed temperature, the rate at which atoms 
leave the cell 1$ determined by two factors, the 
vapor pressure and the mass of the gaseous 
atoms Explain 


23 

The boiling temperatures and the molar volumes at STP 
of some common gases are listed m the following 
table 

(a) What regularity is suggested in the relationship 
between the boiling temperatures and molar 
volumes? 

(b) Account for this regularity 
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Gas 

Molecular 

Formula 

Boiling 

Temperature 

(“C) 

Molar 

Volume 

(liters) 

helium 

He 

-269 

22426 

nitrogen 

Na 

-196 

22 402 

carbon monoxide 

CO 

-190 

22402 

oxygen 

Oj 

-183 

22393 

methane 

CH, 

-161 

22 360 

hydrogen chloride 

HCI 

-840 

22 248 

ammonia 

NH, 

-333 

22094 

chlonne 

Clj 

-346 

22 063 

sulfur dioxide 

SO 2 

-100 

21888 


24 

A reaction involved in the production of iron from iron 
ore IS 

FejOa -f CO gives Fe + CO 2 

(a) How many kilograms of CO are needed to produce 
lOkgofFe? 

(b) How many liters of CO (at STP) are needed to 
produce 1 0 kg of Fe? 

25 

A compound found in kerosene, a mixture of hydro- 
carbons, IS decane, CioHjj A stove might burn 1 0 kg 
of kerosene per hour Assume kerosene 1 $ decane 

(a) How many liters of oxygen at STP are needed per 
hour? 

(b) How many liters of carbon dioxide at STP are 
produced per hour? 

26 

How many grams of zinc metal are needed to react 
with hydrochloric acid to produce enough hydrogen 
gas to fill an 11 2 liter balloon at STP? What would 
the volume of this balloon be at 2?C and 680 mm 
pressure ? How many grams of zinc would be required 
if sulfuric acid were used instead of hydrochloric acid ? 


27 

How many liters of air at STP are needed to burn 
22 liters of methane, also at STP? Assume air is 
20 % oxygen by volume 

28 

In the reaction NH3 + O2 gives NO + HjO , how many 
liters of oxygen are required to react with 4 48 liters of 
ammonia? All gases are measured at STP 

29 

The following reaction is carried out with ail gas vol- 
umes measured at the same temperature and pressure 

^4Hio ^2 9^^®® ^^2 "F H 2 O 

(a) How many liters of oxygen are required to produce 
2 0 liters of CO 2 ? 

(b) If 15 liters of oxygen are used, how many liters of 
butane, C^Hio, will be burned ? 

(c) If 8 0 liters each of oxygen and butane are mixed, 
how many liters of CO 2 are produced ^ 

30 

What volume of Clj gas at 37®C and 753 mm pressure 
could be obtained from 58 4 liters of HCI, measured at 
the same temperature and pressure, if the following re- 
action takes place? 

HCI -h O 2 gives H 2 O + CI 2 

31 

Suppose 105 liters of NH 3 and 285 liters of O 2 are 
allowed to react until this reaction 1 $ complete 

NH3 -I- O2 gives H2O -f NO2 

All volume measurements are made at 200'*C and 
0 30 atm pressure Which gas, ammonia or oxygen, 
remains at the end of the reaction ? How many moles 
of It would there be? 



Liquids and Solids 
An Extension of 
the Kinetic Theory 


Only a few substances are gases at normal temperatures and 
pressures Almost all of the substances that chemists have prepared 
are liquids and solids. In this chapter we will apply the Kinetic 
Theory to liquids and solids 

In the last chapter we proposed that the molecules in liquids and 
solids are very close together while molecules tn a gas are relatively 
far apart Remember that one mole of water, 60x10^^ molecules, 
occupies about 1 8 milliliters as a liquid The same number of mole- 
cules for a gas at STP would occupy a volume about a thousand 
times greater. Substances having very strong forces between mole- 
cules are solids at room temperature Substances with weak forces 
between molecules are gases at room temperature The average 
kinetic energy of gas molecules is large enough to overcome the 
attractive forces between molecules As the temperature is towered, 
the kinetic energy of the gas molecules decreases Eventually the 
attractive forces between molecules become important relative to the 
kinetic energy of the molecules The gas condenses to a liquid. 
Formation of dew on the grass or condensation of steam are familiar 
examples of the phase change, gas to liquid In liquids, molecules 
are close to each other However, they still have enough energy to 
move in a random fashion m the liquid phase. When the temperature 
of a liquid is lowered still further, the average kinetic energy decreases 
further The attraction between molecules increases and soon 
becomes so much greater than the kinetic energy that the liquid 
changes to a solid The molecules in the solid take up the regular 
positions characteristic of a crystalline solid Water freezing to ice 
1 $ an example of the phase change, liquid to solid, ice melting to 
water is the reverse phase change, solid to liquid 

Phase changes are often referred to as physical changes. 
Chemists are interested in phase changes for a number of reasons If 
a substance can be vaporized, measurement of the gas volume pro- 
vides a way to calculate the molar mass for the substance. The melting 
temperature of a substance often helps the chemist identify it or esti- 
mate Its purity, Phase changes serve as relatively simple methods to 
separate one substance from another, 
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In this chapter phase changes of pure substances will be dis- 
cussed We have already seen qualitatively how a comparison of the 
attraction between molecules and the average kinetic energy is 
important in understanding the temperature at which phase changes 
occur Potential energy is important too Let us see what scientists 
mean when they use the term potential energy 





Ftgurt 6-1 

Tfwilbmiatlon of potential energy 
tmo kinetic energy 


5-1 Potential Energy 

Which has more energy, a brick one foot up in the air or the same 
brick SIX feet up ? If you drop each one on your foot, the answer 
would be all too obvious I Let us do a more careful experiment than 
that Suppose we had two carts at the tops of the two hills shown in 
Figure 5-1 When we move the carts over the edge of the plateau, 
they start to roll downhill The carts gam kinetic energy As you can 
tell from the illustration, cart 1 will acquire more kinetic energy than 
cart 2 Cart 1 moves faster and rolls farther than cart 2 But where 
does this energy come from ? 

Work must be done at the start of the experiment to raise the two 
carts to the tops of the hills Energy is needed to do that work 
Apparently this energy is *'stored" in the carts until we let them roll 
back downhill The energy is released as the carts move The term 
potential energy is used to describe energy stored up in this 
fashion 

Another experiment will help us understand potential energy 
Suppose that we push the cart shown in Figure 5-2 The cart moves 
with constant speed towards a spring which is firmly attached to a 
very thick wall The problem is simplified if we make two assump- 
tions First, there rs no friction on this table and second, the wall is 
so massive that it does not move during the experiment The cart 
moves m a straight line until it hits the spring The cart slows down 
rapidly as the spring is compressed For an instant there is no motion 
in the cart or the spring Then everything reverses The spring 
uncoils The cart rebounds in the opposite direction regaining its 
original speed 

Look only at the cart for a minute It starts with a certain amount 
of kinetic energy This energy disappears as the cart compresses the 
spring and comes to a stop Then the cart gams back its original 
kinetic energy as it moves in the opposite direction What can we 
say about energy changes in this experiment? Initially the kinetic 
energy of the moving cart is some constant quantity, A During the 
collision with the spring, the cart rapidly slows down The kinetic 
energy of the cart decreases from A to a to zero at the moment the 
spring is compressed its maximum amount Then everything operates 
in reverse The spring begins to uncoil the cart moves in the opposite 
direction The kinetic energy of the cart changes from zero to a, and 
then to A, its original kinetic energy Scientists say that the original 
kinetic energy is stored as pdtential energy in the coiled spring 
Energy is being transformed from one type of energy to another 



Figure 5-2 illustrates what happens at different times during the col- 
lision We can represent the energy changes m this manner 
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KINETIC POTENTIAL TOTAL 

ENERGY + ENERGY ENERGY 

OF CART OF SPRING* OF SYSTEM 


Initial constant speed 
Cart slowing down 
No motion 
Cart speeding up 
Final constant speed 


A + 0 

a + b 

0 ^ A 

a ^ b 

+ 0 


A 

A 

A 

A 

A 


ConstMt 

$pMd 




The cart sinking the spring is similar to a molecule rebounding from 
a wall. As long as the wall does not move, the molecule rebounds 
with Its onginel kinetic energy We will encounter both kinetic energy 
and potential energy many times in this course In what way does 
potential energy help us understand phase changes? 


Shwmg 

down 




5-2 Soiid-Uquid Phase Changes 

Solids and liquids are called condensed phases. The attractive 
forces in a condensed phase tend to hold molecules close together 
What Happens when we add energy to a solid ? 

When the molecules in a solid are arranged in an ordedy repeating 
pattern, we use the word crystalline to descnbe the solid. At any 
temperature there is always some molecular motion m a crystal The 
molecules move, to a slight extent, back and forth about their posi- 
tions m the crystal As energy is added to a solid, the temperature 
and the motion increase When the temperature gets high enough, 
the molecular motion disturbs the regular crystal pattern more and 
more Too much of this movement destroys the crystal structure 
completely The solid melts, with no change in temperature. 

H20(solid) -f energy— ^ HaOOiquid) 


Nonnoihn 

Hd 


Spmhnff 

ijp 


QaaaI 


Constint 

spoed 


naaaH 


or more simply 


H20 (s) -F energy — H20(/) 


Figure 6-2 

Transformation of energy m 
an efasttc collision 


In Experiment 12 you determined the melting curve for para- 
dichlorobenzene Similar diagrams would be found for other pure 
solids The melting curve for water is shown in Figure 5-3 We can 
see that something unusual is happening dunng the melting of the 
solid phase. We continue to add energy to the system. However, 
once the liquid phase appears, the temperature stays constant until 


* Wa neglect the very small kinetic energy of the spnng as tt ts compressed or 
extended 
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Figure 5-3 

Phase change H20(8) — ► H20(/) 
Heat energy is being added slowly 
at a constant rate 


Interpretation at molecular level 




ail of the solid has changed to liquid This temperature is called the 
melting temperature of the solid 
Where does the energy go this time ? During the melting process, 
the temperature of the liquid phase is the same as the temperature of 
the solid phase The energy ^we supply is not increasing the tem- 
perature of either phase This energy destroys the crystal lattice and 
IS stored in the liquid phase as potential energy 
We can indicate in the equation the amount of energy required to 
melt one mole of ice at 0‘’C 

H20(s) +144lccal->H20(/) 

This amount of energy is called the molar heat of melting or the 
molar heat of fusion This is the energy required to overcome the 
forces that hold 60x10^ molecules in their regular positions in the 
crystal 

When wa look at the different substances in Table 5-1, we find a 
range of energy values for molar heats of melting The molar heats 
of melting in these examples vary from 0 080 kcal/moie for neon to 
6 8 kcal/moie for sodium chloride, a change by a factor of 85 There 
are very great differences m the forces that bind these solids. Since 
these differences affect properties other than melting temperature and 
heat of melting, they are important to a chemist 



TABLE 5-1 
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The Temperature and Heat of Melting for 
Some Pure Substances 


Substance 

Melting Temperature 

=K =C 

Molar Heat 
of Melting 
(kcal/mole) 

Neon, Ne 

246 

-2484 

0080 

Chlorine, Cl 2 

172 

-101 

153 

Water, HaO 

273 

0 

144 

Sodium, Na 

371 

38 

063 

Sodium chloride, NaCl 

1081 

808 

68 

Copper, Cu 

1356 

1083 

311 


5-3 Liqutd-Ges Phase Change 

We can continue to add energy to our sample of liquid water The 
temperature rises Molecules in the liquid acquire higher kinetic 
energy Soon the water boils The temperature stays constant as long 
as liquid water remains We call this temperature the boiling tem- 
perature of the liquid 


lnt«rpr«t 0 tion at molacutar faval 




Figure 5-4 

Phase change H20(/) — > H20{g). 
Heat energy is being added slowly 
at a constant rate 


HjO (liquid) -1- energy — > HjOCgas) 
or 

HjOC/) + energy — ► HjOCg) 
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We can see in Figure 5-4 that addition of energy at 100®C does not 
increase the temperature in our system as long as both liquid and 
vapor are present The average kinetic energy for molecules in the 
vapor phase at 100°C equals the average kinetic energy for molecules 
in the liquid phase at 1 00®C How do we know ? Because the two 
phases are at the same temperature The energy to vaporize a liquid 
must be stored as potential energy in the vapor This energy over- 
comes attractive forces irf the liquid Molecules can store energy 
by being far apart For water at 100°C the molar heat of vapor- 
ization IS 9 7 kilocalories 

H20(/) + 97kcal— ^H^OCg) 

When water vapor condenses to liquid water, the potential energy 
IS released in the form of heat energy 

H 20 (g) HjOW -F*97kcal 

This phase change takes place when raindrops form Just think of 
the energy that is released during a severe rainstorm I 


EXERCISE 5-1 

Calculate approximately how much energy is rejeased when there 
IS 1 cm of ram over an area of 10’^ cm^ (about 100 square miles). 
The density of water is 1 g/cm® 

Answer 5.4 X lO^^kcal 


The boiling temperature and heat of vaporization for various 
liquids are given in Table 5-2 In each example energy is absorbed 
as the liquid vaporizes 


TABLE 5-2 

The Normal Boiling Temperature and Heat 
of Vaporization of Some Pure Substances 


Substance 

Boiling Temperature 

“K ‘’C 

Molar Heat 
of Vaporization 
(kcal/mole) 

Neon, Ne 

212 

-2458 

0405 

Chlorine, CI 2 

2389 

-341 

488 

Water, HjO 

373 

100 

97 

Sodium, Na 

1162 

889 

241 

Sodium chloride, NaCI 

1738 

1465 

408 

Copper, Cu 

2855 

2582 

72,8 


5-4 Vapor Pressure in Liquid-Vapor Equilibrium 

The Kinetic Theory helps us to understand the vaporization of a liquid 
at Its boiling temperature But liquids vaporize at all temperatures 
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Let us consider this behavior, beginning with liquid water again if 
we place liquid water in an evacuated flask at 25X and close off the 
flask, we can measure the gas pressure with a manometer The gas 
pressure rises rapidly from 0 mm to 23 8 mm Then no further pressure 
change occurs as long as the temperature is kept at 25X How can we 
interpret this experiment ? 



Figure 5'6 

Equilibnum between liquid and vapor Water at 26**C 


Water is the only substance m our system. Some water molecules 
must leave the liquid phase and enter the vapor phase to account for 
the gas pressure This explanation seems quite reasonable. Our 
model of a liquid pictures molecules moving in a random fashion, 
with a range of velocities Some molecules, near the surface of the 
liquid, would have enough energy to move out of the liquid into the 
vapor phase, As the number of molecules in the vapor phase in- 
creases, the gas pressure rises After a while the gas pressure reaches 
a constant value, 23 8 mm Does this mean that water molecules no 
longer leave the liquid ? This suggestion does not seem very reason- 
able After all, there still are many molecules in the liquid moving 
with high velocities If we look at the vapor phase, we know that 
the gas molecules are also moving in a random fashion, with a range 
of velocities Every once in a while, a gas molecule would return to 
the liquid. We can understand now why the gas pressure becomes 
constant Molecules leave the liquid phase to enter the vapor At 
the same time molecules leave the vapor phase to become part of the 
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Bgurt 6-6 

The equiltbHum vepor pressure 
for water 8t40'*C 


liquid again Figure 5-6 shows what is happening At first there are 
many more molecules leaving the liquid each second than returning 
After a very short time, the gas pressure goes up The number of 
molecules in the vapor phase increases The chance that a molecule 
will move back into the liquid phase also increases Soon the two 
processes balance each other The pressure stays constant This 
pressure is called the vapor pressure of water. It remains at 
23 8 mm as long as the temperature is kept at 25‘'C 


EXERCISE 5-2 

Suppose dne mole of water evaporates in one day Approximately 
how many molecules leave the liquid each second 7 


The vapor pressure of a liquid is the s^me whether or not other 
gases are present It is a property of the liquid In our experiment, 
if the flask originally contained dry air at a pressure of 750 0 mm, 
liquid would evaporate until the pressure became 773 8 mm 

When a liquid is in contact with a constant 
pressure of its vapor, the liquid and gas 
are said to be in equilibrium. 

At equilibrium, no measurable changes are 
taking place 

5-5 Change of Vapor Pressure with Temperature 

The vapor pressure of water at 25®C is 23 8 mm At 40°C, the vapor 
pressure is 55 3 as shown in Figure 5-6 At 60°C, it is 149 4 mm 
and at 100°C, it is 760 mm The vapor pressure of water increases 
with increasing temperature 

Ethyl alcohol is also a liquid at room temperature Its vapor pres- 
sure at 25°C IS 59 mm This value is higher than the vapor pressure 
of water at this temperature Ethyl alcohol has a greater tendency 
than water to evaporate At 40°C, ethyl alcohol has a vapor pressure 
of 1 35 mm At 60®C the vapor pressure is 353 mm We find that the 
vapor pressure of ethyl alcohol also increases rapidly with increasing 
temperature The vapor pressure of every liquid increases as the 
temperature is raised 

These results can be readily explained in terms of the Kinetic 
Theory As the temperature increases, the average molecular velocity 
increases We would expect that the fraction of molecules in the 
liquid with sufficient energy to enter the vapor phase would increase 
at higher temperatures. 

Molecules can escape from the surface of a liquid at any tem- 
perature to enter the gas phase as vapor When the vapor pressure 
of the liquid just equals the atmospheric pressure, a new phenomenon 
occurs At this temperature bubbles of vapor can form in the liquid 
The liquid boils We see that boiling is fixed by the external pressure. 
For example, if the pressure is 760 mm, water boils at 100®C. This 
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IS the temperature at which the vapor pressure of water equals 
760 mm Figure 6-7 shows a bubble forming in water at 100“C The 
vapor pressure inside the bubble is equal to 760 mm. balancing the 
external atmospheric pressure Suppose that the atmospheric pres- 
sure IS 750 mm Then bubbles of vapor could form throughout the 
liquid water at 99 6®C The vapor pressure of water equals 750 mm 
at 99 6®C Water boils at this temperature when the atmosphenc 
pressure is 750 mm 

The normal boiling temperature of a liquid is the temperature 
at which the vapor pressure of that liquid is exactly one standard 
atmosphere, 760 mm Hg 


EXERCISE 5-3 

Compare the data for the vapor pressure of water and ethyl alcohol 
to estimate the boiling temperature of ethyl alcohol 


5-6 Vapor Pressure in Solid-Vapor Equilibrium 

Solid carbon dioxide is often called "Dry Ice" At normal pressures. 
Dry ice evaporates without melting The process of a solid going 
directly to the vapor without forming a liquid first is called sublima- 
tion. Another example of sublimation can be seen if you live in an 
area where the winters are very cold Some snow disappears without 
the temperature ever rising to 0®C 
Let us do an experiment to see if we can understand what might 
be happening If we place some ice in an evacuated flask and keep the 
temperature below 0®C. no liquid water forms However, the gas 
pressure m the flask increases If we keep the temperature at - 1 0®C, 
the pressure reaches 215 mm Some water molecules leave the 
crystal surface and enter the gas phase The vapor pressure for ice 
at -1 0®C IS 2 1 5 mm Now let us increase the temperature to -5®C 
Wo should expect more water molecules would have enough energy 
to leave the solid The equilibrium vapor pressure should go up 
We find the vapor pressure for ice at -5®C is 3 1 6 mm 
The Kinetic Theory provides an explanation for the vapor pressure 
of a liquid or a solid 



Figure 5-7 

Formation of a bubble of water vapor at 100®C 


5-7 Review 

In this chapter we have seen how the Kinetic Theory can be applied 
to condensed phases as well as to gases The magnitude of the 
forces acting between molecules determines whether a substance Is 
a solid, liquid, or gas at a particular temperature. The forces between 
molecules must be weak for a substance that is a gas at room tem- 
perature and very strong in solids with high melting temperatures 
During any phase change, the temperature stays constant. An 
understanding of the terms potential energy and kinetic energy lets 
us interpret phase changes at the molecular level. 



80 in a closed system at constant temperature, some molecules of a 

liquid or solid have enough energy to move into the vapor phase 
At equilibrium there is a balance between the number of molecules 
entering the vapor phase and the number of molecules returning to 
the condensed phase 

The normal boffing temperature of a liquid is the temperature at 
which the vapor pressure of that liquid is equal to one standard 
atmosphere, 760 mm 


Questions and Problems for Chapter 5 


1 

When a ball is thrown straight up, at what point or 
points in Its traiectory does it have 

(a) maximum potential energy? 

(b) maximum kinetic energy? 

(c) minimum potential energy’ 

(d) minimum kinetic energy? 

2 

Discuss the potential and kinetic energy that a skier has 

(a) as he gets aboard the ski lift 

(b) as he travels to the top of the ski slope 

(c) as he skis down the hill and reaches the bottom of 
the ski slope 

3 

Discuss the vanous kinds of energy involved when you 
ride an elevator to the tenth floor of an office building 

4 

Adam, such as the Hoover Dam on the Colorado River, 
stores water It also can be said to store energy 
Exptttn. 

s 

liow much heat energy must be removed to freeze an 
ice tmy M of water at 0‘'C if the ice tray holds 540 
grams of water? What happens to this heat energy ? 

e 

the potential energy of 10 grams <^f solid 
waier end 10 ^ams of liquid water, both samples at 


A metal cylinder, initially at 25°C, is placed in an 
insulated cup containing water and crushed ice After 
the system has come to thermal equilibrium, there is ice 
remaining 

(a) What IS the equilibrium temperature of the metal 
cylinder? 

(b) What happens to the energy given up by the metal 
cylinder? 

(c) If 20 grams of ice were melted, how much energy 
was given up by the cylinder? 


8 

When the temperature drops below OX, the fruit on the 
trees m an orchard can sometimes be protected by 
flooding the orchard Why? 


9 

In an expenment, 1 00 grams of water at SOX is allowed 
to interact with ice (at OX) Enough ice is used to cool 
the water to OX The ice and water are placed m ah 
insulated container so that all the energy given up by 
the water melts ice After the system reaches equilib- 
rium at OX, there are 200 grams of liquid water present 

(a) How much Ice IS melted ? 

(b) How much energy is given up by the 1 00 grams of 
water in cooling from 80®C to OX? 

(c) How much energy is required to melt 1.0 gram 
of ice? 

(d) How much energy is required to melt 1 0 mole of 
ice? 
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10 

What amount of ice wust be added to 540 grams of 
water at 25°C to cool the water to 0®C and have no ice 
remaining? 

11 

A liquid IS heated at its boiling temperature Although 
energy is added to the liquid, its temperature does not 
increase Explain 

12 

What IS the maximum amount of heat energy that you 
can lose as one gram of water evaporates from your 
skin? 

13 

Which IS more likely to cause a severe burn, one gram 
of HjOCg) at 100“C or one gram of HjOf/) at 100®C? 

14 

Liquids used in rocket fuels are passed over the outer 
wall of the combustion chamber before being fed into 
the chamber itself. What advantages does this system 
offer? 

16 

Which requires more energy, vaporizing one mole of 
liquid water or decomposing one mole of water by 
electrolysis? Explain 

16 

Suggest possible explanations for the regularity be- 
tween boiling temperature and molar heat of vaporiza- 
tion for the liquids given in Table 5-2, 

17 

Two of the methods suggested for conversion of sea- 
water to fresh water are evaporation or’^ freezing of 
water Which process uses more errergy? 

18 

Because of its excellent heat conductivity liquid sodium 
has been proposed as a cooling liquid for use in nuclear • 
power plants 


(a) Over what temperature range could sodium be 
used in a cooling system designed to operate at 
one atmosphere pressure? 

(b) How much heat would be absorbed per kilogram 
of sodium to melt the solid when the cooling 
system is put m operation ? 

(c) How much heat would be absorbed per kilogram 
of sodium if the temperature rose too high and the 
sodium vaporized? Use the data in Tables 5-1 
and 5-2. 

19 

Water is commonly used as a cooling agent in power 
plants Repeat Problem 1 8, using one kilogram of water 
instead of sodium Contrast the results for these two 
coolants 

20 

How many grams of ice could be melted by the energy 
obtained as 180 grams of steam is condensed at 
100®C and cooled to 0®C ? How does the amount of 
energy obtained as the steam condenses compare to 
the amount of energy released as the same water is 
cooled from 100“C to 0®C? 

21 

A sample of steam at 100°C is condensed to give 180 
grams of water, also at WC. All of the heat energy 
IS used to vaponze benzene (C^Hfi) This procedure 
yields 1030 grams of gaseous benzene at its boiling 
temperature 

(a) Is the molar heat of vaporization of greater 
or less than that of H 2 O? 

(b) What is the value for molar heat of vaporization 

for benzene? 

22 

Why IS the boiling temperature for water lower at 
Denver, Colorado (altitude 5280 feet) than in Boston, 
Massachusetts (at sea level) ? 

23 

Both carbon tetrachlonde, CCJ4, and mercury, Hg, are 
liquids whose vapors are poisonous to breathe* ff 
CCI4 IS spilled, the danger can be removed merely by 
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airing the room overnight If Hg is spilled, it is necessary 
to pick up the liquid droplets with a "vacuum cleaner" 
device Explain 

24 

How would the vapor pressure of water measured at 
100”C on the moon compare to the vapor pressure of 
water at the same temperature here on earth ? 

25 

Explain why it is that leftover food placed in a re- 
frigerator tends to dry out if left uncovered 

26 

Why do some food production processes, such as the 
refining of sugar, make use of low pressure evaporation ? 

27 

The vapor pressure of a liquid increases as the tem- 
perature increases State two causes for the increase 
in vapor pressure 


28 

In an experiment, a 500 ml round-bottom flask was 
filled half-full with water The water was heated and 
boiled for a few minutes filling the flask with water 
vapor The flask was stoppered and quickly cooled 
under a stream of cold water Explain why the water 
boiled as the flask was cooled 


29 

A one gallon can containing a small amount of water 
was heated After the water had been boiling for a 
few minutes, to fill the can with water vapor, a stopper 
was used to seal the can The can was then cooled 
and 4t collapsed Explain 


30 

Name two solids that have a high enough vapor pres- 
sure at room temperature that you can detect their 
presence by smell 



Solutions, Solubility, 


and Ions 






When sand and water are mixed in a beaker, the sand settles to the 
bottom of the beaker There are distinct parts to the mixture We 
use the word heterogeneous to describe this system The prop- 
erties change when we go from one part of a heterogeneous mixture 
to another 

When a small amount of sugar and water are mixed, the sugar 
dissolves The solid disappears, becoming part of the liquid Mixtures 
of this type are called solutions We use the word homogeneous 
to describe such a system The properties are the same every place 
in a homogeneous system Both pure substances and solutions are 
homogeneous However, a solution differs from a pure substance 
in that Its properties vary, depending on the relative amounts of the 
substances used in making it. There are three different types of 
solutions 

A Gaseous Solutions 

All gaseous mixtures ar^ homogeneous All gaseous mixtures are 
solutions Air is a good example of a gaseous solution. Table 6-1 
shows the amounts of different gases m a typical sample of dry air. 


TABLE 6-1 

Composition of Dry Air 


Substance 

Percent of Molecules 

Name 

Formula 

Nitrogen 

Nj 

7806 

Oxygen 

0, 

2099 

Argon 

Ar 

093 

Carbon dioxide 

COj 

003 


Trace quantities of neon, helium, krypton, hydrogen, and xenon 
are present in air. Their total contnbution is less than 0 003%, 


us Production, 1965 

The constituents of air can be separated by liquefaction large 5^,000 tolw 

amounts of nitrogen for making fertilizers and of oxygen for the steel Oxygen 2,33o!ooo tons 
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industry are obtained from air each year Except for helium, the 
noble gases are obtained from air 


B Solid Solutions 

Solid solutions are not as common as gaseous solutions Crystals are 
stable because of the regular arrangement of the atoms A foreign 
atom interferes with this regular pattern and, therefore, with the 
crystal stability As a crystal forms, foreign atoms are usually ex- 
cluded That IS why crystallization provides a good method for 
purification 

Metals often form solid solutions The atoms of one element may 
enter the crystal of another element if their atoms are about the same 
size Gold and copper form solid solutions Such solid solutions are 
called alloys. Some solid metals dissolve hydrogen or carbon atoms 
Steel IS iron containing a small amount of dissolved carbon 

C Liquid Solutions 

In the laboratory work for this course you deal most often with liquid 
solutions Liquid solutions can be made in many wavs Sometimes 
two liquids such as water and ethyl alcohol are mixed to form a 
solution Some gases, such as NH 3 or CO 2 , dissolve in water to give 
a liquid solution Most often, liquid solutions are formed when a 
solid dissolves in water In all these examples water is called the 
solvent. The substance dissolved in water is called the solute. 

Solutions are very important to a chemist because so many 
chemical reactions take place in solution We will begin our study 
of solutions by looking at their behavior during phase changes 


6-1 Behavior of Solutions During Phase Changes 

When a pure substance such as water is heated, its vapor pressure 
Increases At lOO^C, the vapor pressure of water is 760 mm Atone 
atmosphere pressure, pure water boils at a constant temperature, 
100°C Let's boil a sample of water until half of it has changed to 
steam We can condense the steam to liquid water in a different 
vessel if we repeat this experiment with the two samples of water, 
they show identical behavior 

Pure water freezes at a constant temperature, 0*^0 We can freeze 
half of the water sample to ice, remove the ice, and melt it in another 
container If we repeat this experiment with the two samples of 
water, once again we find that they behave in an identical manner 

What happens if we do the seme experiments with a solution 
made by dissolving a solid in water? Pigure 6^1 compares the results 
of heating pure water and a solution. We can observe several dif- 
ferences The temperature at which boiling begins in the solution is 
higher than for pure water. Experiments show that the vapor pressure 
of an aqueous solution is always less than the vapor pressure of pure 
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water It is necessary to heat the solution above lOO^C to reach a 
vapor pressure of 760 mm At one atmosphere pressure, the boiling 
temperature for the solution must be higher than 1 00*C This increase 
in boiling temperature depends on how much solute is in solution 
The more solute dissolved, the higher the boiling temperature 


Temperature 

rc) 



Figure 6-1 

Heatiivg curves for pure water and a solution. 
Heat energy » being added at a constant rate 


As boiling continues, the temperature of pure water stays constant 
The temperature of the solution continues to rise dunrtg boiling Let 
us see if we can find an explanation for this We can condense the 
steam from the solution The liquid we get behaves like pure water 
The solute remains behind in the boiling flask As boiling continues, 
the relative amount of solute in the solution increases The boiling 
temperature of the solution goes up. If we boil off ail of the water, 
solid solute remains behind We can separate a pure liquid from a 
solution by evaporating and condensing the vapor that boils off. 
This process is called distillation. Distillation is one way to make 
fresh water from ocean water The requirement of about 10 kcal of 
energy to vaporize one mole of water makes this a rather expensive 
method Less expensive methods of obtaining pure water are being 
explored today As the world's population continues to increase, the 
task of converting salty water to pure water looms as one of man- 
kind's most important problems 

Now let us see what happens when a solution is cooled In 
Figure 6-3 the solution is compared with pure water as the tem- 
perature IS lowered. No solid phase appears until the solution is 
cooled below 0°C The freezing temperature of the solution is lower 
than the freezing temperature of pure water This decrease in freezing 
temperature depends on how much solute is in the solution. The 
more solute dissolved, the lower the freezing temperature. 

As freezing continues, the temperature of the solution continue to 
decrease Perhaps we can find an explanation for this effect First, 
separate the solid from the remaining liquid, after about half of the 
solution has frozen When we melt this solid, we obtain a liquid 
which behaves in the same way pure water does on cooling The 



Figure 0-2 
A disbllation apparatus. 
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solid that forms during the phase change must contain no solute. 
The remaining solution must contain all of the dissolved solute The 
relative amount of solute in solution has increased The temperature 
at which the solution freezes must be decreased "Antifreeze" sub- 
stances added to an automobile radiator act this way They dilute 
the water in the radiator and lower the temperature at which ice can 
crystallize from solution The freezing temperature of the solution 
will depend on the relative amounts of water and antifreeze 


Figure 6-3 

Cooling curves for pure water and a solution 
Heat energy is being removed at a constant rate 


Tempmture 



6<2 Expressing the Concentration of Solutions 

The properties of solutions vary depending on the relative amount of 
solute and solvent used m making them up Chemists use the term 
concentration to indicate these relative amounts You will need only 
one way of expressing solution concentration m this course number 
of moles of solute m one liter of solution The result is called the 
molar concentration or the molarity A one molar (1 M) solu- 
tion contains one mole of solute m one liter of solution A two 
molar (2 M) solution contains two moles of solute in one liter of 
solution Notice that the concentration of water is not specified 
Examples of how to make up some solutions will help you under- 
stand what IS meant by molarity 

We can start to make a 1 000 M solution of NaCI by weighing one 
mole of salt From the formula, NaCI, we know that one mole 
weighs 58 5 grams (23 0 grams -(- 35 5 grams) We dissolve this 
salt in some water m a 1 -liter volumetric flask as shown an Figure 6-4 
This special flask holds 1 000 liter when filled to the mark etched 
on the neck of the flask After the salt dissolves, more water is 
added until the water level almost reaches the etched mark Now 
we shake the flask to be sure that the solution is wall mixed Then 
we can add the last few milliliters of water to make the volume 
1 000 liter 
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Figure 6-4 

Preparation of a 1 000 molar NaCI solution 


We can also prepare a 1 NaCI solution using a 1 00-ml volumetnc 
flask The final volume will be 0.1 titer We need only 0 1 mole of 
NaCI We weigh 5.85 grams of NaCI, place it m the flask, dissolve 
It and add water to the 100 ml mark. These examples show that 


Molarity = 


number of moles (solute) 
liters of solution 


EXERCISE 6-1 

What mass of AgNOs is needed to make 1 liter of 1 M solution ? 


EXERCISE 6-2 

What mass of AgNOj is needed to make 1 00 ml of 2 M solution ? 


EXERCISE 6-3 

You have 8 4 grams of solid sodium bicarbonate, NaHCOa How 
many moles of solid is this? How much 1 Af solution can be made 
with this amount of NaHCOa ? 


6-3 Solubility 

Let's add a small amount of a solid to a liquid, keeping the temperature 
constant The solid begins to dissolve and the concentration of the 
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solution rises After all of the solid has dissolved, the concentration 
remains constant, fixed by the amount of dissolved solid and the 
volume of the solution If more solid is now added, the concentration 
will rise further Finally, however, the addition of more solid no longer 
raises the concentration of dissolved material When a fixed amount 
of liquid has dissolved all of the solute that it can, the concentration 
reached is called the solubility of that solute A solution that will 
dissolve no more solute is said to be saturated. 

The solubilities of solids m liquids vary widely For example, 
sodium chloride dissolves in water at 25°C until the concentration is 
about SIX moles per liter The solubility of NaCI in water is 6 at 
25°C In contrast, only a small amount of sodium chloride dissolves 
in ethyl alcohol at 25“C The solubility is 0 009 M Even in a par- 
ticular liquid, solubilities differ over wide limits The solids calcium 
chloride, CaCl 2 , and silver nitrate, AgNOs, have solubilities in water 
exceeding one mdle per liter The solid, silver chloride, AgCI, has a 
solubility in water of only 10"^ mole per liter. 

Temperature influences how much solid will dissolve and how 
fast In general, the amount and rate of dissolving will go up when 
temperature is raised 

Because of this range of solubilities, the word soluble does not 
have a precise meaning There is an upper limit to the solubility of 
the most soluble solid On the other hand, even the least soluble 
solid furnishes a few dissolved particles per liter of solution We use 
glass containers for much of our laboratory work in chemistry because 
glass has such low solubility in water Yet in some experiments, this 
solubility must be taken into consideration 

6-4 Variations Among Properties of Solutions 

The differences among solutions can be very great We can demon- 
strate these differences with five substances sodium chloride, sugar, 
iodine, ethyl alcohol, and water Let us use the liquids, water and 
ethyl alcohol, as solvents in making up a set of solutions 

First, we can investigate the solubility of the three solids m each 
solvent By adding a small crystal of each solid to one milliliter of 
liquid, we find out that sugar dissolves in water and in ethyl alcohol 
Sodium chloride dissolves readily in water but not in ethyl alcohol 
Iodine, on the other hand, dissolves in ethyl alcohol but not appreci- 
ably m water The solvent properties of the two liquids are different 

The experiment just described gives us four solutions containing 
a substantial amount of solute 


1 

II 

III 

IV 

Sugar in 

Sugar 

Sodium 

Iodine 

water 

in ethyl 

chloride 

in ethyl 


alcohol 

in water 

alcohol 


Of these four solutions, IV is readily distinguished It has a dark 
brown color The other three, like many solutions, are colorless 
They can be distinguished by taste, but chemists have safer ways of 
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telling them apart. Many solutions differ in the way they conduct an 
electric current Figure 6-5 shows this measurement The two sugar 
solutions have almost the same conductivity properties as the pure 
solvents Their conductivity is very low In marked contrast solu- 
tion III conducts electric current much more readily than does pure 
water Differences in electrical conductivity are used to distinguish 
one solution from another 

You are familiar with many electrical devices They surround you 
at home and at school They furnish power, light, and means of 
communication Try to name several electrical phenomena that you 
have observed Does your list include the following 

(1 ) The heat generated by an electric current passing through the 
heating element of an electric stove 

(2) The light emitted by the filament of an electric light bulb as 
electric current passes through it 

(3) The work done by an electric motor when electnc current 
passes through its coils, 

(4) The attractfon of a comb for your hair on a dry day. 

(5) A flash of lightning 

The interest of a chemist in the electrical nature of matter goes far 
deeper than this We shall find that an understanding of electncal 
behavior furnishes a key to the explanation of chemical properties 
We shall also find that electncal effects aid us m predicting molecular 
formulas, in explaining chemical reactions, and in understanding 
energy changes that accompany them In order to understand the 
electncal behavior of matter, we must find out what is meant by 
electric charge 

6-5 Electric Charge 

Rub a glass rod with a piece of silk and hang the rod up with a silk 
thread Then rub a second glass rod and slowly bring it near to the 
first rod As the two rods get close to each other, the first one moves 
away It is repelled 

Now repeat this expenment with two plastic rods, rubbed with a 
piece of fur, instead of silk. Once again, the rods move apart as they 
are brought near each other 

If we bring the plastic rod close to the suspended glass rod, the 
two rods move toward each other, not away. The two rods attract 
one another These experiments are shown in Figure 6-6. 

We use the word "electrified" to descnbe the condition of these 
rods after they have been rubbed vigorously We can explore what 
happens with many different materials Our expenmental results 
always fall into two classes. Objects of the same matenal that have 
been electrified by the same procedure always repel each odier 
Objects of different materials may attract or repel each other. We 
find that electrified objects fall into two groups Only two electrified 
states exist. One is like the state of the electriffed glass rod. The 
other IS similar to the state of the electnfied plastic rod. We say that 
any object that behaves the way the glass rod does is positively 
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Elactrtcai attraction aixt rapulston 




charged. Any object that behaves the way the plastic rod does is 
negatively charged 

Today it is easy to place an electric charge on different objects 
You are familiar with the storage battery in an automobile or the 
dry cells in a flashlight These are sources of electrical energy A 
battery has two terminals, one marked "plus" and the other marked 
"minus " We can give an electric charge to an object by connecting 
It to one of the battery terminals 

A famous physicist, Robert Millikan, carried out a very precise 
experiment to measure electric charge This experiment is diagrammed 
in Figure 6-7 Two plates are connected to opposite terminals of a 
battery One plate acquires a positive electric charge The other 
plate acquires a negative electric charge Tiny droplets of oil or 
mercury are sprayed into the upper section of the apparatus As 
these droplets fall through the air, some of them acquire an electric 
charge If a charged droplet floats into the space between the charged 
plates, we can keep it from rising or falling by adjusting the charges 
on the two plates This means a balance has been achieved between 
the gravitational forces which would make the particle fall and 
electrical forces which would make the particle move back to the 
upper plate 

Millikan carried out thousands of such experiments He measured 
the electric charge that had to be placed on the parallel plates so that 
the d'^oplets would hang suspended Sometimes he found that the 
droplet had a positive charge Sometimes it had a negative charge 
He established that there is a smallest electric charge, either positive 
or negative This is called the unit charge of e/ectncity We know 
that matter comes in units called atoms Electric charge also comes 
in units You can have one or two or any other whole number of 
units of electric charge Particles with half or three quarters of a unit 
of electric charge are never found 
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Crofis-sectionalview of apparatus 
for Millikan oil drop expenment 






6-6 The Electron-Proton Model 

The new facts about electrical phenomena can be made part of our 
particle model Let us propose that matter is made up of two kinds 
of particles which carry the property of electric charge The particle 
which has one unit of negative electric charge is called the electron. 
The particle which has one unit of positive electric charge is called 
the proton. 

Let us see what our model looks (ike now if an object has the 
same number of electrons and protons, then the amount of negative 
electric charge would be equal to the amount of positive electric 
charge We say that the object is electrically neutral. It has zero 
electric charge. 

Neutral atoms or molecules have zero eiectnc charge They heve 
equal numbers of elections and protons The following examples 
will illustrate this point 

The H atom, the 0 atom, and the HjO molecule have zero charge 
Chemists know that the H atom is made up of one electron and one 
proton The oxygen atom consists of eight electrons and eight 
protons We represent each of these atoms, in Figure 6-8, as a 
neutral particle The HjO molecule must have ten electrons and ten 
protons, coming from the two H atoms plus one 0 atom This is also 
shown in Figure 6-8 The important point right now is the zero value 
for total electric charge Particles having equal numbers of electrons 
and protons have zero eiectnc charge The atom or molecule is 
electrically neutral 

We shall see later that it is easy to add an electron to some atoms 
or molecules in other instances it is easy to remove an electron from 
an atom or molecule When these processes take place, particles are 
formed with different numbers of electrons and protons There is a 
net electric charge on these particles Chemists have given the name 
Ions to charged particles Here are two examples The symbol e~ 
represents one electron and p'^ represents one proton 

H atom contains 


symbolized 


0 atom contains 


symbolized 


8 electrons 
8 protons 


8e" 

8p^ 


gives zero electric charge 


1 electron 
1 proton 


1 e’ 


gives zero electric charge 


H 2 O molecule contains 2 H atoms + 10 atom 


le’ 

8e“ 

1 e“ 


ip* 

ip+ 


gives zero electric charge 








Chlorine atom + 



electron 

b” 

e“ 



Notice that the electric charge on the chloride ion is 1 - Seventeen 
protons plus eighteen electrons give a net charge of 1 •» 


(17+) + (18-) «(1-) 


The sodium atom loses an electron to become a sodium ion 


Sodium atom — ► sodium ion + electron 



The net electric charge for the sodium ion is 1 + 


6-7 Electric Properties of Condensed Phases 

Now are ready to investigate behavior of condensed phases that 
shows evidence of the presence and movement of electric charge 
The movement of electric charge is called an electric current 
When we say electric current flows through a solution, we mean there 
IS a movement of electric charge through the solution We want to 
see how this charge moves 

Water is a very poor conductor of electricity Yet when sodium 
chloride, table salt, dissolves in water, the solution conducts readily 
The dissolved sodium chloride must be responsible How does the 
dissolved salt affect the solution so that electric charge can move 
through the liquid ? One possibility is that ions are present in the salt 
solution The movement of these charged particles through the solu- 
tion could account for the electric current Salt has the formula NaCI 
For every sodium atom there is one chlorine atom Chemists have 
discovered that the ions Na'*' and Cr are present when NaCI is 
dissolved in water We can write this as an equation 

NaCI(solid) + water— > Na'^(in water) -f Cr(in water) 

Chemists usually omit the term "water" on the left side of this 
equation Its presence is implied by the symbols on the right side of 
the equation The expression "in water" is further shortened to "aq," 
meaning aqueous The equation is usually written 

NaCI(s) — ► Na‘*‘(aq) + Cr(aq) 

The solid dissolves, forming the charged particles Na'^(aq) and 
Cr(aq) They can move about in the solution independently Their 
attraction for each other is reduced because they are surrounded by 
many water molecules Ions with positive charge are called cations. 



(ons with negative charge are called aniont. An electric current can 93 

pass through the solution by means of the movement of these ions 
The Cr(aq) ions move in one direction, causing negative charge to 
move that way The Na'^(aq) ions move in the opposite direction, 
causing positive charge to move this way These movements carry 
charge through the solution, and electric current flows 
Sugar dissolves in water The solution conducts electric current 
no better than does pure water We conclude that no charged par- 
ticles are present in a sugar solution No tons are formed 
Calcium chloride, CaClj, is another crystalline solid that dissolves 
readily in water The solution conducts electric current Calcium 
chloride is, in this regard, like sodium chloride and unlike sugar tons 
are present in solution when calcium chloride dissolves in water 
The equation for the reaction is 

CaCys) Ca2+(aq) + 2 Cr(aq) 

The calcium ion, Ca*‘^{aq), has twice the positive charge of Na‘^(aq) 

The chloride ion that forms, Cr{aq), behaves in the same way as 
the negative ion that is present in the sodium chloride solution 
Because of that we write 2 Cl" and not Clj*", in the equation repre- 
senting the dissolving of calcium chloride A 1 Af solution of calcium 
chloride contains two moles of chlonde ion per liter of solution 


EXERCtSB 6-4 

A neutral calcium atom has 20 electrons and 20 protons Show the 
formation of Ca^"^ as an electron loss process 


Silver nitrate, AgNOs, is a third solid substance that dissolves in 
water to give a conducting solution The ions formed are silver 
ions, Ag'^(aq), and nitrate ions, N 03 ~(aq). The reaction is 

AgN 03 (s) — > Ag’^(aq) + N 03 “(aq) 

The aqueous silver ion is a silver atom with the positive charge of a 
proton It cames the same charge as an aqueous sodium ion. The 
aqueous nitrate ion carries the negative charge of an electron it 
has the same charge as the aqueous chloride ton This time, however, 
the negative charge is earned by a group consisting of one nitrogen 
and three oxygen atoms Since this group, NO3", remains together 
throughout many chemical reactions, acting as a unit it has been 
given a distinctive name, nitrate ion. There are many other ex- 
amples of polyatomic ions 


EXERCiSE 6-5 

The solids listed below dissolve readily in water to give solutions that 
conduct electricity For each substance write an equation to repre- 
sent what happens The four ions (sulfate, ammonium, carbonate, 
and hydrogen carbonate) act as units in the same way nitrate ion 
does What electric charges would each of these ions have? 


(ixarcise 6-5 continued on p S4) 
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(BxBtQisB 6-5 continued from p 93) 


NSjSO^ 

Sodium sulfate 

NH 4 CI 

Ammonium chloride 

(NH4)2C03 

Ammonium carbonate 

NaHCOj 

Sodium hydrogen carbonate 

CuCI, 

Cupric chloride 


The electrjcal conductivity of an aqueous solution depends on 
how much solute is dissolved m the water and also on whether 
ions are formed A solution containing 0 1 mole NaCi per liter ex- 
hibits higher conductivity than a solution containing 0 01 mole NaCI 
per liter The amount of current conducted depends on the concen- 
tration of ions 



Hour* 6-8 

Thefac^-centered cubic structure 
ofNa+a- 


Copper melts at 1356^K 


6-8 Ionic Solids 

The solids sodium chloride, calcium chloride, and silver nitrate are 
similar They ail dissolve in water to form aqueous ions and give 
conducting solutions These solids are called ionic solids. Let us 
see what that means 

The sodium chloride crystal contains an equal number of sodium 
atoms and chlorine atoms They are not present as molecules On 
the basis of much experimental evidence, chemists have concluded 
that sodium chloride crystals are built up of sodium ions, Na^ and 
chloride ions, CP, rather than of neutral atoms or molecules The 
numbers of Na*^ and CP ions must be equal because the entire 
crystal is electrically neutral There is electrical attraction between 
these oppositely charged particles This attraction between positive 
and negative ions accounts for the bonding in an ionic solid 

We use the formula NaCi to represent the composition of such a 
solid The formula NaCi shows only the simplest ratio of the number 
of atoms m the compound It is called an empirical formula. 
Figure 6-9 shows the arrangement of the ions in the sodium chloride 
crystal The ions are arranged in layers A layer in the interior of a 
crystal has a similar layer in front of it and another behind it These 
layers are displaced so that a CP ion lies in front of each Na’’" ion 
and a CP ion lies behind each Na*^ ion Each ion is surrounded by 
SIX oppositely charged ions We call this arrangement the sodium 
chloride structure. Many other ionic solids have the same crystal 
structure. Among them are LiF, |CCI, and MgO. 

When an ionic solid such as sodium chloride is melted, the molten 
salt conducts electric current The conductivity is like that of an 
aqueous salt solution. Na*^ and Cl“ ions are present The extremely 
high melting temperature (108PK) shows that a large kinetic en- 
ergy IS needed to break down the NaCI crystalline arrangement to 
free the ions so that they can move in contrast, solid sodium 
chloride dissolves readily in water at room temperature and without 
a large heat effect A reasonable interpretation is that the water 
interacts strongly with the ions Aqueous ions are about as stable as 
ions in the crystal In fact, water interacts so strongly with ions that 
some molecular solids dissolve in water to form conducting solutions 
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For example, solid hydrogen chloride, HCf(s), is a molecular crystal 
similar to the ice crystal The solid is made up of HCi molecules 
It IS not made of ions like the ionic solid sodium chloride Hydrogen 
chloride crystals melt at -11 fC and vaponze at -84“C to give 
gaseous diatomic molecules which are not ionic Yet HCi dissolves 
in water to form a conducting solution containing hydrogen ions, 
H'’'(aq), and chloride ions, Cr(aq) We cannot safely interpret the 
conductivity of an aqueous solution to mean that the solid dissolved 
was an ionic solid We can, however, state the opposite when an 
ionic solid dissolves in water, a conducting solution is obtained 


6-9 Types of Compounds That Are Electrolytes 

Substances that dissolve m water to give conducting solutions are 
called electrolytes. We begin by looking for some regularities m the 
behavior of solutions of electrolytes The obsenred properties suggest 
that there are three classes of electrolytes Chemists use the words 
acid, base, and salt to identify these three classes Let's list the 
properties of aqueous solutions for each class of compound 

PROPERTIES OF AN ACIDIC 



ACIDS 

SOLUTION 

HCI 

Hydrochloric acid 

1 Tastes sour 

H 2 SO, 

Sulfuric acid 

2 Reacts with metals such as 

HC2H3O2 

Acetic acid 

zinc or magnesium, with lib- 

H3PO4 

Phosphoric acid 

eration of hydrogen 

3 The dye, litmus, becomes red 
in color when added to an 
acidic solution. 

4 Conducts electricity 

PROPERTIES OF A BASIC 


BASES 

SOLUTION 

NaOH 

Sodium hydroxide 

1 Tastes bitter, feels slippery 

KOH 

Potassium hydroxide 

2. The dye, litmus, becomes blue 

NH 4 OH 

Ammonium hydroxide 

in color when added to a 

Ca( 0 H )2 

Calcium hydroxide 

basic solution 

Ba( 0 H )2 

Barium hydroxide 

3 Reacts with an acidic solu- 
tion, to destroy or neutralize 
the properties characteristic 
of an acid 

4 Conducts electncity 


The reaction between an acid and a base is one of the oldest 
chemical reactions known to man. We can write a general equation 
for this reaction 


Acid + Base — > H 2 O + Salt 



When the solution i$ heated, water can be driven off A compound, 
called a salt, crystallizes from solution Here are a few equations to 
show salt formation 

Acid + Base — Water + Salt 
HCI(aq) -f- NaOH(aq) HjO + NaCI(aq) 

H2S04(aq) + KOH(aq) H2O + KHS04(aq) 

HiSO^Caq) + 2 KOH(aq) 2 HjO + K 2 S 04 (aq) 
HCjHjOaCaq) + NH 40 H(aq) Hfi + (NH4)(C2H302)(aq) 

We have chosen to write NaOH(aq) and NaCI(aq) It would be 
somewhat better to show that these compounds exist in water as 
hydrated ions, Na''‘(aq), OH“(aq), Cr(aq) However, it is easier at 
this stage to see what happens in the reaction when empirical 
formulas are used instead of ionic formulas 

PROPERTIES OF A SALT 



SALTS 

SOLUTION 

NaCi 

Sodium chloride 

1 

Tastes salty 

KHSO4 

Potassium hydrogen 

2 

The dye, litmus, usually 


sulfate 


does not change color 

K2SO4 

Potassium sulfate 


when added to a solu- 

(NH4)(C2H302) 

Ammonium acetate 


tion. 

AgN03 

Silver nitrate 

3 

Conducts electricity, if 

CaClj 

Calcium chloride 


salt IS soluble 


Sulfuric acid, H2SO4, reacts with a base like KOH to give two dif- 
ferent salts The normal salt, K2SO4, forms when 2 moles of base 
react with 1 mole of acid The acid salt, KH5O4, forms when 1 mole 
of base reacts with 1 mole of acid KHSO4 and K2SO4 are white 
ciystalime solids Like crystalline NaCI, these salts have an ionic 
structure in the solid 

We will return to a more detailed discussion of acids and bases in 
Chapter 1 4 Now we finish this chapter by considering the solubility 
of ionic compounds 

6-10 Solubility of ionic Compounds 

Experiments show that some ionic compounds are very soluble in 
water while other ionic compounds, such as AgCI, do not dissolve 
to any appreciable extent in water We can summarize in a qualitative 
fashion the solubilities for a large number of substances We will 
say that a substance is soluble if we can make an aqueous solution 
with concentration greater than 0.1 M Table 6-2 summarizes the 
solubility in water of many ionic compounds that you are likely to 
encounter in your laboratory program We have tried to emphasize 
the regularities you would find. An important use of these solubility 
guides is the separation of one substance with low solubility from 
a substance with high solubility. We will discuss this again in 
Chapter 13 



Some cations form soluble compourKis with alt of the anions 
commonly encountered in the laboratory These cations are the 
ammonium ion, and the ions of the alkali metals, Li"^. Na'^, 
K+ Rb+ and C8+ 

Some anions form soluble compounds with all of the cations 
commonly found in the laboratory. Almost all compounds contain- 
ing nitrate ion, HOf, or acetate ion, are soluble in water 

at room temperature 


TABLE e-2 


Solubility of Some Ionic Compounds in Water 


Negative Ions 
(anions) 

, Positive Ions 

+ (cations) ^ 

Compounds 
which are 

Alt 

Alkali iom 

(|j+ Na+ K+, Rb+ C8+) 

Soluble* 

All 

Ammonium km, NH^'*' 

Soluble 

Nitrate, NOs" 

All 

Soluble 

Acetate, CjHaOj" 

Ail 

Soluble 

Chlonde, Crj 
Bromide, Br“ [ 
Iodide, r 1 

Ag+ Pb’+ Hg,’+ Cu+ 

All Dthais 

Not soluble 
Soluble 

Sulfate, SO4*" 

All otheis 

Not soluble 
Soluble 

Sulfide, S’- 

Alkali ions, NH/, Be’+, 
Mg’+,Ca’+,Sr’+,Ba’+ 

Ail others 

Soluble 

Soluble 

Not soluble 

Hydroxide, OH" 

Alkali ions, NH4 +,Si’+, 

Ba’+ 

All others 

Soluble 

Soluble 

Not soluble 

Phosphate, PO4®"] 
Carbonate, COa^” [ 
Sulfite, SOa^-j 

Alkali ions, NH/ 

All others 

Soluble 

Not soluble 


* Soluble means more than 0 1 mole will dissolve per liter 


6-11 Review 

Solutions are homogeneous mixtures of two or more pure substances 
Although there are gaseous solutions and solid solutions, chemists 
encounter liquid solutions far more frequently. In aqueous solutions, 
water is usually considered to be the solvent. The substances dis- 
solved in water are called solutes. 

Comparison of the behavior of solutions and of pure substances 
during phase changes brings out some important differences. In 
most cases the boiling temperature of a solution is higher than the 
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boiling temperature of the pure solvent Similarly, in most cases the 
freezing temperature of a solution is lower than the freezing tem- 
perature of the pure solvent 

In this chapter we have considered experiments which show that 
some solutions are good conductors of electricity while others are 
poor conductors of electricity In searching for an explanation for 
the results of these exjDeriments, we have examined what the term 
electric charge means Chemists have found that some substances 
dissolve in water to form electrically charged particles called ions. 
Other substances dissolve m water without forming ions The con- 
duction of electric charge through a solution can be accomplished 
by ions moving through the solution 

Substances that dissolve in water to give conducting solutions are 
called electrolytes Chemists find it convenient to classify elec- 
trolytes as acids, bases, or salts 


Questions and Problems for Chapter 6 


t 

List three heterogeneous materials 
2 

List three homogeneous materials 

3 

Which of the following statements about seawater is 
FALSE? 

(a) it boils'at a higher temperature than pure water 

(b) It melts at a lower temperature than pure water 

(c) The boiling temperature rises as the liquid boils 
away. 

(d) The melting temperature falls as the liquid freezes 

(e) The density is the same as that of pure water 

4 

Early gold minors collected very fine gold dust from 
their sluice boxes by dissolving it in mercury How do 
you think the gold was then separated from the 
mercury? 

6 

Would ocean water m which ice has been formed and 
removed be a better source of salt than untreated 
ocean watft'? Explain 


6 

How many grams of methanol, CH3OH, must be added 
to 2 00 moles of H2O to make a solution containing 
equal numbers of H2O and CH3OH molecules? How 
many molecules (of all kinds) does the resulting 
solution contain ? 


7 

How many grams of ammonium chloride, NH4CI, are 
present in 0 30 liter of a 0 40 M NH4CI solution ? 

Answer 6 4 grams 

8 

Write directions for preparing the following aqueous 
solutions . 

(a) 1 0 liter of 1 0 M lead nitrate, Pb(N03)2, solution 

(b) 20 liters of 050 M ammonium chloride, NH4CI, 
solution 

(c) 0 50 liter of 2 0 M potassium chromate, K2Cr04, 
solution 

9 

How many liters of 0 250 M K 2 Cr 04 solution contain 
38 8 grams of K 2 Cr 04 ? 
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10 

Which has the greater solubility in water 

(a) pepper or salt 

(b) COjorNj 

(c) oil or molasses 

(d) limestone or granite 

11 

One liter of saturated calcium carbonate solution con- 
tains 0 0153 gram at 25®C What is the solubility of 
CaCOs in moles/liter? 

12 

Name three chemicals that readily dissolve m water. 
Name three that scarcely dissolve at all 

13 

List three properties of a solution you would expect to 
vary as the concentration of the solute varies. 

14 

Give two forces other than electric that are felt at a 
distance 

16 

Why do two electrically neutral objects with mass at- 
tract each other? 

16 

Why do scientists claim there are only two kinds of 
electric charge? 

17 

The following 6 measurements were obtained during 
a Millikan oil-drop experiment They represent the 
electric charge on the drop 

4 83 X 1 0“’’ coulomb 6 44 X 1 0”’’ coulomb 

324 480 

962 1 62 

(a) Might one of these values correspond to the unit 

electric charge? Which one? Why? 

(b) Can you think of an argument to rule out the value 
0 81 X 1 0"’’ coulomb as the unit electric charge’ 


18 

A neutral atom of barium has 56 electrons Barium 
forms a 2+ ion How man/ protons does a banum ion 
have ’ How many electrons in the ion ? Show the 
formation of the ion as an electron loss process 

19 

A neutral fluonne atom has 9 protons Fluorine, F, 
forms an ion with 1 - charge How many electrons 
does a fluoride ion, f", have? Starting with F^, show 
the formation of F” as an electron gam process Check 
to see that charge is balanced 

20 

What would you expect the empincal formula for 
banum fluoride to be? 

21 

Each of the following ionic solids dissolves in water to 
form conducting solutions Write equations for each 
reaction 

(a) potassium chloride, KCt 

(b) sodium nitrate, NaNOj 

(c) calcium bromide, CaBr 2 

(d) lithium iodide, Lii 

22 

A chlonde of iron called ferric chloride, FeCis, dissolves 
in water to form a conducting solution containing ferric 
ions, Fe®'*' , and chloride ions, Cr. 

(a) Write the equation for this reaction 

(b) If 0.10 mole of FeCls is dissolved in 1.0 liter of 
water, what is the concentration of ferric ion and 
of chloride ion? 

Answer: Concentration of Fe^"^ « 0.10 Af 
Concentration of CP = 0.30 M. 

23 

The salt ammonium sulfate, (NH 4 ) 2 S 04 , dissolves in 
water to form a conducting solution containing am- 
monium ions, NH 4 ^ and sulfate ions, $ 04 ^“ 

(a) Write the balanced equation for the reaction when 
this ionic solid dissolves m water 
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(b) Verify the conservation of charge by comparing 
the charge of the reactant to the sum of the 
charges of the products 

(c) Suppose 1 32 grams of ammonium sulfate is dis- 
solved in 0 500 liter of water Calculate the con- 
centrations of NH/(aq) and SO/"(aq) 

24 

For 1.00 liter of solution made from 0 1 00 mole of feme 
chloride, FeCIa, and 0 100 mole of ammonium chloride, 
NHA calculate the molar concentrations of the three 
ionsFe®+ NHA and Cl" 


30 

Write equations for the reactions between aqueous 
bromide ions and 

(a) aqueous lead ions 

(b) aqueous silver ions 

Use Table 6-2 to help you decide how to write these 
equations 

31 

When solutions of barium chloride, BaCl2, and potas- 
sium chromate, K2Cr04, are mixed, the following reac- 
tion occurs 


25 

Assume the following compounds dissolve in water to 
form separate, mobile ions in solution Wnte the 
formulas and the names for the ions that can be 
expected 

(a) HI (d) Ba(OH)2 

(b) CaClj (0) KNO3 

(c) NajCOj (f) NH4CI 

26 

Wnte the equation for the reaction that occurs when 
each of these electrolytes is dissolved in water 

(a) lithium hydroxide (solid) 

(b) nitne acid (liquid) 

(c) potassium sulfate (solid) 

(d) sodium nitrate (solid) 

(e) ammonium iodide (solid) 

(f) potassium carbonate (solid) 


2 K+(aq) + CrO/'(aq) + Ba'+(aq) + 2 Cr(aq) 

BaCr 04 (s) +2K+(aq) +2Cr{aq) 

(a) Show how charge is conserved 

(b) Rewrite the equation showing predominant species 
only Is charge conserved when the equation is 
written this way? 

(c) Suppose 1 00 liter of 0 500 M BaCi^ is mixed with 
1 00 liter of 0 200 M K2Cr04 Assume that BaCr04 
has negligible solubility Calculate the concentra- 
tions of all ionic species present when precipitation 
IS complete 

Answer Concentration = 0200 M 
Concentration Cr = 0 500 Af 
Concentration Cr04^“ = negligible 
Concentration Ba*”^ = 0 150 M 

32 

Predict what would happen if equal volumes of 

0,2 M Na2S03 and 0 2 ^ MgS04 were mixed If a 

reaction takes place, write the net ionic equation 


27 

What ion will all the acids listed on page 95 form ? 

28 

What ion will all the bases listed on page 95 form ? 

n 

teixpwiment 16 you mixed lead nitrate and sodium 
Ibdida sohitimw. Write an equation for the reaction 
ocdtied. Show only the predominant species 


33 

Using Table 6-2 make a statement about the solubilities 
of the compounds containing the following ions 


ANION 


CATIONS 


(a) carbonate, COs*” 

(b) carbonate, COj^" 

(c) sulfide, 


alkali ions, (Li'*', Na^ K'*’, 
Rb+ Cs+) 

alkaline earth ions, (Be^^ 
Mg2+ Ca^+, Ba^-^) 

alkaline earth ions, (Be^’*’, 
Mg*+, Ba^-^) 
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Write an empirical formula for each of the following 
compounds and indicate which have low solubilities 

(a) Silver sulfide 

(b) potassium sulfide 

(c) ammonium sulfide 

(d) nickel sulfide 

(e) ferrous sulfide 

(f) ferric sulfide 


36 

Write a net ionic equation for any reaction that will 
occur upon mixing equal volumes of 0 2 M solutions of 
the following pairs of compounds 

(a) silver nitrate and ammonium bromide 

(b) SrBrjandNaNOs 

(c) sodium hydroxide and aluminum chloride 

(d) barium chloride and sodium sulfate 

Answer- (a) Ag'*'(aq) + Br”(aq) — ► AgBr(s) 


36 

What ions could be present in a solution if samples of 
It gave 
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(a) a precipitate when either Cr(aq) or S04^^(aq) is 
added? 

(b) a precipitate when Cr(aq) is added but none 
when $04^" (aq) is added ? 

(c) a precipitate when S04^'(aq) is added but none 
when Cf‘^(dq) is added ? 

37 

Use Table 6>2 to decide which of the following soluble 
substances would permit a separation of aqueous 
magnesium from barium ions For those that are ef- 
fective, wnte the equation for the reaction that occurs 

(a) ammonium carbonate 

(b) sodium bromide 

(c) potassium sulfate 

(d) sodium hydroxide 

38 

Some 2 M NaBr solution is added to a sample which 
IS 01 Af in each of the following tons, Ag*^, Cu'*’, 
Fe*'*', and Ca^**“ Precipitate A forms and is filtered out 
A sulfide solution ts added to the filtrate and black 
precipitate B forms This precipitate is removed by 
filtration and 2 Af sodium carbonate solution ts added, 
giving precipitate C. What is the composition of A, 
B, and C? 



Order Among Atoms 



During the nineteenth century, chemists made a large number of 
careful observations on the elements and their compounds A major 
goal was to find an arrangement of the elements that would provide 
some organization for these observations This search by chemists 
is in many ways like that of the lost child in the fable Some of the 
first regularities proved too limited in nature Other proposals were 
shown to be incorrect Step by step, better arrangements were 
achieved 

For many years chemists recognized differences between metals 
and nonmetals Table 7-1 contrasts the properties that can be ob- 
served for these two classes of materials 


TABLE 7-1 

Comparison of the General Properties of 
Metals and Nonmetals 


Metals Nonmetals 


Solids 

High density 

High melting temperature 
Shiny 

Good conductors of heat and 
electricity 

Oxides usually soluble in acid 
solutions 


Often gases and liquids 
Low density 

Low melting temperature 
Not shiny 

Poor conductors of heat and 
electricity 

Oxides usually soluble in basic 
solutions 


It was difficult to decide how to classify some substances Mercury 
has many metallic properties, but it is a liquid at room temperature 
Carbon, in the form of graphite, is a good conductor of electricity, 
while carbon in the form of diamond is a poor conductor. Even 
though graphite and diamond have very high melting temperatures, 
chemists consider carbon to be a nonmetal 



By 1800 chemtsts knew that many metals and nonmetals reacted 
with oxygen in the air They also could establish the ratio between 
the number of moles of an element and the number of moles of 
oxygen m the compounds that formed A few examples will help 
you see what this statement means The symbol M will be used 
to represent any element except oxygen In modern terms the reac- 
tions can be written as in Table 7-2 


TABLE 7-2 
Formation of Oxides 


Reaction 

Ratio M/0 m Oxide 

4M-F02— ►2M2O 


2M-f-02~>2M0 

V. 

4M-|-302-?^2M203 


M + 02->M02 

1/ 


Some elements form oxides with the formula M2O Other elements 
form oxides with a different M/0 ratio Perhaps the elements could 
be divided into classes based on their oxide formulas This procedure 
worked well with many elements BeO, MgO, and CaO would form 
a group and so would B2O3, AI2O3, and CrjOa However, at this stage 
in the development of chemistiy, there were too many confusing 
facts for chemists to proceed with this scheme For example, the 
element iron forms several oxides — FeO, Fe203, and Fe304 Where 
would iron be placed in the oxide grouping? Another example is 
even more troublesome Na20, K2O, H2O, and CIjO have the same 
type of formula But in many other ways, these compounds are very 
different Therefore, it is not reasonable to group the elements Na, 
K, H, and Cl together. It took chemists many years to unscramble 
some of these perplexing problems 

7-1 The Periodic Table 

Dalton proposed in his Atomic Theory that the atoms of an element 
would have a charactenstic mass It was natural that chemists began 
to think of arranging the elements in the order of their molar masses 
A number of the suggested arrangements were similar to the lost 
child's statement "cylindrical objects burn " Slowly, additional ob- 
servations and more precise measurements resulted in an arrangement 
of the elements by the Russian chemist, Mendeleev This proposal 
IS summaiized in the Periodic Table of the elements This general- 
ization was used by Mendeleev to predict that new elements with 
molar mass near the values 44, 68, and 72 grams would be dis- 
covered In addition, he even predicted the properties of these 
elements and of their compounds Table 7-3 compares Mendeleev's 
predictions with the observed properties for scandium, gallium, and 
germanium 
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TABLE 7-3 


Properties of the Elements 
Scandium, Gallium, and Germanium 


A^endefeev's 

Predictions Observed 

Property m187l Properties 


Scandium (Discovered m 1877) 

Molar mass 44 g 43 7 g 

Oxide formula M2O3 SC2O3 

Density of oxide 35g/m! 3 86g/ml 

Solubility of oxide Dissolves in acids Dissolves in acids 


Gallium (Discovered in 1875) 


Molar mass 

68 g 

69 4g 

Density of metal 

6 0 g/ml 

5 96 g/ml 

Melting temperature 

Low 

3(rC 

Oxide formula 

M2O3 

Ga203 

Solubility of oxide 

Dissolves in 
ammonia solution 

Dissolves in 
ammonia solution 


Germanium (Discovered in 1886) 


Molar mass 

72 g 

719g 

Density of metal 

5 5 g/ml 

547 g/ml 

Color of metal 

Dark gray 

Grayish white 

Melting temperature 

High 

900^ 

of metal 

Oxide formula 

MO2 

Ge02 

Density of oxide 

4 7 g/ml 

4 70 g/ml 

Chloride formula 

MCI4 

GeCl4 

Density of chloride 

1 9 g/ml 

1 89 g/ml 

Boiling temperature 

Below 100“C 

se^c 

of chloride 



We can duplicate the line of reasoning that led Mendeleev to his 
Periodic Table However, we will also make use of the experimental 
information about the elements that is available to chemists today 
Let us start by making a column of the elements, m order of increas- 
ing mass A number of properties are placed beside each element 
in Table 7-4 The experimentally determined formulas for the 



TABLE 7-4 
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Some Information About the First 21 Elements 


Symbol 

for 

Element 

Molar Mass, 
Grams 

Numencal 

Order 

Physical State 
at 25*C, 1 atm 

Formula 

for 

Hydnde 

Formula 

for 

Fluonde 

Formula 

for 

Oxide 

ionization 

Energy 

[kcal/mole] 

H 

101 

1 

gas 

H, 

HF 


3136 

He 

400 

2 

gas 

- 

- 

- 

567 

Li 

6.94 

3 

solid 

UH 

LiF 

LijO 

124 

Be 

901 

4 

solid 

BeHj 

BeFj 

BeO 

215 

B 

108 

5 

solid 

m 

BF, 

BA 

191 

C 

12.0 

6 

solid 

CH, 

CF. 

COj 

260 

N 

140 

7 

gas 

NHj 

NF, 

NA 

335 

0 

160 

8 

gas 

Hfi 

OF, 

0, 

314 

F 

190 

9 

gas 

HF 

F2 

OF 3 

402 

Ne 

202 

10 

gas 

- 

- 

- 

497 

Na 

230 

11 

solid 

NaH 

NaF 

NaiO 

119 

Mg 

243 

12 

solid 

MgH, 

MgFa 

MgO 

176 

Al 

27.0 

13 

solid 

AljH, 

AIF3 

AI2O3 

138 

Si 

281 

14 

solid 

S 1 H 4 

SIF 4 

S1O2 

188 

P 

310 

15 

solid 

PH3 

PF3 

P2O5 

254 

S 

321 

16 

solid 

H^S 

SF, 

SO 3 

239 

Cl 

35 5 

17 

gas 

HCI 

GIF 

CI 2 O 

300 

Ar 

399 

18 

gas 

- 

- 


363 

K 

391 

19 

solid 

KH 


K 2 O 

100 

Ca 

401 

20 

solid 

CaHj 

CaFj 

CaO 

141 

Sc 

450 

21 

solid 

not known 

SCF 3 

SC 2 O 3 

151 


hydride, fluoride, and oxide are given for each element Perhaps the 
first thing in this table that catches our eye concerns the elements 
He, Ne, and Ar They are the only elements in our table that do not 
form oxides, hydrides, and fluorides The next thing we notice is 
the repetition of formula types When we reach Na, the set of 
chemical formulas is very much like the set for U. The next element. 
Mg, has a set of chemical formulas like the set for Be We can re- 
group these elements, starting with Na, placing each element directly 
below the element having similar formulas. The arrangement is 
shown in Table 7-5 The formula for the fluoride of each element is 
shown to help you recognize the similanty for each vertical group 
of elements 



TABLE 7-5 


Periodic Groups 

for the Elements Helium to Scandium 


He 

2 


Li 

Be 

B 

C 

N 

0 

F 

Ne 

3 

4 

5 

6 

7 

8 

9 

10 

LiF 

BeF2 

BF3 

CF4 

NF3 

OF2 

^2 

- 

Na 

Mg 

Al 

Si 

P 

S 

Cl 

Ar 

11 

12 

13 

14 

15 

16 

17 

18 

NaF 

MgFj 

AIF3 

S1F4 

PF3 

SF2 

CIF 


K 

Ca 

Sc 






19 

20 

21 






KF 

CaFj 

SCF3 







Chemical formulas and chemical properties across a row are very 
different as we move from one element to the next On the other 
hand, formulas and properties of the elements m any vertical column 
are very similar These vertical groups are called chemical families 
to emphasize similarities of the elements in each column 

You may be wondering why the first element, hydrogen, has been 
left out of our second arrangement of the elements Compare the 
formulas HjO and HP with the formulas L12O and LiF The similarity 
in chemical formulas suggests that hydrogen should be in the same 
family with lithium But now compare the formulas OH2 and Hj 
with formulas OFj and Fj Perhaps hydrogen should be in the same 
family with fluorine Chemists recognize that hydrogen is an unusual 
element Some of its chemical properties indicate hydrogen should 
be placed with lithium Other properties call for hydrogen to be 
grouped with fluorine The problem is solved in the complete 
Periodic Table presented in Figure 7-1, by giving the element 
hydrogen a separate box. 

In the last column of Table 7-4, the ionization energy for each 
element is given The ionization energy is the amount of energy 
for the reaction 

M(g) + Ionization Energy M*^(g) -h e" 

All elements undergo ionization to form a positive ion if enough 
energy is supplied Values for the first ionization energy are plotted 
in Figure 7-2 As you can readily see, the ionization energy increases 
and decreases in a regular fashion as we proceed from one element 
to the next 

We shall now examine some of the important cherpical families in 
detail 
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FIGURE 7-1 
The Periodic Table 
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FIQURE 7-2 

The relation between ionization energy 
and numerical order of the elements 



Numerical order 
of the elements 


7-2 The Noble Gases 

Almost two centuries ago, an English scientist, Csvendish, tried to 
convert atmospheric nitrogen into nitric oxides There was always 
a small amount of gas that would not react He was not able to 
explain this result When these experiments were repeated in 1894, 
other scientists found the same result No matter what chemical 
tests were tried, some of the gas would not enter any chemical 
reactions It was concluded that a new element had been discovered 
It was given the name argon from the Greek word meaning lazy 
Additional careful experiments led to the isolation of four other gases 
from the atmosphere The names helium^ neon, krypton, and xenon 
were given to these elements If you look back to Table 6-1 , page 83, 
you can see that with the exception of argon, the amount of each 
noble gas in the atmosphere is very small 
It IS interesting to realize that almost thirty years earlier, helium 
had been identified in the sun's atmosphere When any substance 
IS heated to a high enough temperature, light is emitted that is 
characteristic of the elements m the substance During an eclipse 
of the sun in 1868, light in the sun's corona was observed that did not 
match any known element On this basis a new element, called 
hekum, was proposed in 1871 The noble gas elements precede 
each of the elements lithium, sodium, potassium, rubidium, and 
cesium As we shall see in the next chapters, the noble gases supply 
an important key to understanding atomic structure It is a curious 
quirk of nature that these gases are so important in the organization 
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of our chemical knowledge Of all the elements, the noble gases are 
the least reactive chemically Until the last few years it was thought 
that the noble gases formed no chemical compr inds 
Some of the properties of the noble gases ar« iiven in Table 7-6. 
Each of these elements exists as a monatomic gas a oom temperature. 


TABLE 7-6 


Some Properties of the Noble Gases 


Property 

He 

Ne 

At 

Kr 

Xe 

Rn 

Position in numerical 
order 

2 

10 

18 

36 

54 

86 

Molar mass of atoms, 
grams 

400 

200 

39.9 

83.7 

131 

222 

Boiling temperature. 

42 

272 

873 

120 

165 

211 

Melting temperature, 
“K 

- 

246 

839 

116 

161 

202 

Ionization energy, 
kcal/mole 

567 

497 

363 

323 

280 

248 


Boiling Temperatures 

As a chemical family, the noble gases have the lowest boiling tem- 
peratures known The values are shown in Figure 7-3 Helium has 
the lowest boiling temperature of any substance, 42’K. Neon, 
argon, krypton, xenon, and radon have successively higher boiling 
temperatures. Apparently as molar mass increases, the boiling tem- 
perature increases We interpret a higher boiling temperature to mean 
that more energy must be supplied to allow a molecule to leave the 
liquid state. 




^ 0 Melting Temperatures 

We can see a regular variation in the melting temperatures for the 
noble gases These unusual elements form solids at temperatures 
only slightly below the temperatures at which they boil The small 
temperature range in which these elements exist as liquids suggests 
that the forces holding the solids together are very much like the 
forces in the liquids The forces between noble gas molecules in 



the liquid or the solid are quite small The melting temperatures 
for the noble gases are shown in Figure 7-4 No melting tempera- 
ture for helium is listed in Table 7-6 Helium is the only substance, 
at one atmosphere pressure, that does not form a solid at any 
temperature. Helium becomes a solid at 1 TK, at a pressure of 
26 atmospheres This fact indicates that the forces between helium 
molecules must be very w^ak 




Ionization Energy 

The fast property in Table 7-6 is the energy needed to ionize a mole 
of each noble gas These energies form an important regularity 
For the noble gases there is a decrease in ionization energy as we 
go from helium to neon to the others These values are plotted in 
Figure 7-5 As we shall see, within any row in the Periodic Table, 
the ionization energy is highest for the noble gas element The very 
stable atomic structures for these elements are indicated by the high 
ionization energies 

Chemical Properties 

Another unique property of the noble gases lies in their very low 
chemical reactivity This fact will be an important clue for us when 
we discuss atomic structure in Chapter 9 No compounds of these 
elements were known until 1962 The few compounds that have 
been prepared are extremely reactive These compounds decompose 
readily to give the noble gas as one of the products. Some of the 
compounds are described in Table 7-7 

TABLE 7-7 


Some Noble Gas Compounds 


Compound 

Form 

Melting 

Temperature 

»c 

Properties 

XeFa 

colorless 

crystals 

140 

Reacts with H 2 O to form Xe 
andOj 

XeF4 

colorless 

crystals 

114 

Stable 

XeF^ 

colorless 

crystals 

48 

Stable 

XeOa 

colorless 

crystals 

— 

Explosive , stable m aqueous 
solution 

KrFj 

colorless 

sublimes 

Decomposes spontaneously 


crystals 

below 0®C 

at room temperature 


Everything that is known about the noble gases indicates that they 
have particularly stable atomic structures 
We turn now to the two chemical families that appear m the 
Periodic Table on either side of the noble gas family In these two 
families we can see some of the regularities in chemical and physical 
properties that make the Periodic Table so valuable to chemists 

7-3 The Alkali Elements 

The alkali elements lithium, sodium, potassium, rubidium, cesium, 
and francium occupy a position in the numerical order of the elements 
immediately following a noWe gas These elements are m^llic 
solids at 25*C When the surfaces are clean, the alkali metals have 
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FIGURE 7-6A 

Comparison of boiling temperatures 
for the noble gases and the alkali rpetals, 


a bright, silvery appearance Exposure to air causes the surfaces to 
tarnish rapidly The metals are excellent conductors of heat and 
electricity The alkali metals have very high chemical reactivity 
Some of their properties are listed in Table 7-8 Francium is not 
included since it is a very rare element 


TABLE 7-8 


Some Properties of the Alkali Metals 


Property 

Li 

Na 

K 

Rb 

Cs 

Position in numerical order 

3 

11 

19 

37 

55 

Molar mass of atoms, grams 

694 

23 0 

391 

854 

133 

Boiling temperature, °C 

1326 

889 

757 

679 

690 

Melting temperature, °C 

180 

98 

63 

39 

29 

Density at 20°C, g/ml 

054 

097 

086 

1 53 

1,90 

Ionization energy, kcal/mole 

124 

119 

100 

96 

90 


Boiling and Melting Temperatures 

The alkali metals are solids at room temperature Cesium, however, 
melts at a few degrees above room temperature Both melting and 
boiling temperatures decrease as the molar masses increase The 
opposite trend is found for the noble gases Figure 7-6 contrasts 
the trends for these two families Notice also the wide temperature 
range over which the alkali elements are liquids Sodium, for in- 
stance, melts at 98“C and boils at 889®C, almost 800° higher Con- 
trast this with neon which boils 2 6° higher than it melts How 
different are the alkali elements from the noble gases I 
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FIGURE 7-«B 

Compansofl of mahinfi temporatures 
for the alkali metais aivd the noble gaaes. 


Ionization Energy 

Very little energy is required to ionize the alkali elements. Again we 
see a great difference between the noble gases and the alkali metals 
Figure 7-7 contrasts the ionization energies for these two chemical 
families For each family the lomzation energy decreases as the 
order number increases 



Chemical Properties of the Alkali Metals 

The alkali metals have high chemical reactivity They react vigorously 
with oxygen, chlorine, or water It will be interesting to investigate 
some of these reactions 

When chlorine gas is brought m contact with hot sodium metal, 
solid sodium chloride is formed 


2 Na(/) + Cl 2 (g) 2 NaCI(s) + energy 


We have seen in Chapter 6, page 94, that solid NaCi has a regular 
arrangement of sodium ions, Na^, and chloride ions, Cr, in the 
crystal In the reaction between sodium and chlorine, ions are 
formed The ions attract each other because they have opposite 
electric charge The stability of the sodium chloride crystal depends 
on the electrical attraction of oppositely charged ions The crystal is 
held together by ionic bonds. This chemical behavior is character- 
istic of all the alkali metals Each alkali metal reacts with chlorine 
gas in a similar way Ionic solids, which are soluble m water, form 
in these reactions 


EXERCISE 7-1 

Write the four equations for the reactions between chlorine and 
lithium, potassium, rubidium, and cesium 


Reaction of the Alkali Metals with Water 

Sodium metal reacts with water to form hydrogen gas and an 
aqueous solution of sodium hydroxide, NaOH 

2 Na(s) + 2 HjO 2 Na‘*'(aq) + 2 OH^Caq) + HjCg) + energy 

Energy is liberated The reaction often takes place so rapidly that the 
temperature rises and the hydrogen, mixing with air, explodes 
Sodium metal is dangerous and must be handled with caution 
Sodium IS usually stored in oil so that moisture in air does not come 
in contact with the metal 

All of the alkali metals react with water in a similar way The 
reaction becomes more vigorous as we examine each metal from 
lithium to cesium Two ions are formed in each reaction The first 
IS an alkali element ion with a charge of 1 + The other ion, OH"(aq), 
IS called the hydroxide ion. The properties of basic solutions are 
attributed to this ion, We shall come across this lon again m 
Chapter 14 



exercise 7-2 

Write the four equations for the reactions between water and 
lithium, potassium, rubidium, and cesium 


7-4 The Halogens 

H we move across the Periodic Table, we find a family of elements 
called the halogens. They have the names fluorme, ch/orine, 
bromine, iodine, and astatine Astatine is a very rare element It will 
not be part of our discussion 

Some of the physical properties of the halogens are given in 
Table 7-9 I n the elemental state, the halogens form stable diatomic 
molecules At very high temperatures these diatomic molecules 
break down to form atoms For example, it Is known that chlonne 
near the surface of the sun is present as single chlonne atoms. At 
lower temperatures, chlorine atoms react wrth each other to form 
molecules 

2 Cl(g) — > Cl 2 (g) + energy 


TABLE 7-9 

Some Properties of the Halogens 


Property 

Fluorine 

Chlonne 

Bromine 

Iodine 

Position in numer- 
ical order 

9 

17 

35 

53 

Molar mass of atoms, 
grams 

190 

355 

799 

127 

Molecular formula at 
25X 

Fj 

Cl, 

Br2 

1, 

Boiling temperature 

85 

-188 

2389 

-341 

331.8 

58.8 

457 

184 

Melting temperature 
“K 

55 

-218 

172 

-101 

2657 

-73 

387 

114 

Color 

Pale 

yellow 

Yellow 

green 

Red 

Slack 

(purple 

vapor) 

State at 25*^0 

gas 

gas 

liquid 

solid 

Ionization energy, 
kcal/mole 

402 

300 

273 

241 




1 *1 6 Boiling and Melting Temperatures 

We have already compared the boiling and melting temperatures for 
the noble gases and the alkali metals When we look at those tem- 
peratures for the halogens in Figure 7-8, there seems to be some 
similarity with noble gases The melting and boiling temperatures of 
the halogens increase as the molar masses increase This trend 
suggests that forces between halogen molecules in the liquid and 
solid states are the weak variety that account for the liquefaction of 
the noble gases 




B Comparison of melting temperatures for the 
halogens, the alkali metals, and the noble gases, 


Ionization Energy 

The ionization energies for the halogens decrease as we go from 
fluonne to iodine. We have noticed this trend for the noWe gases 
and for the alkali metals Numerically, the ionization energies for 
the halogens are almost as large as the values for the noble gases 
This fact indicates that it is difficult to remove an electron from the 
halogens Figure 7-9 contrasts the ionization energies for the three 
families we have discussed in this chapter 



The Chemistry of the Halogens 

The reactions of the halogens with one of the alkali metals show 
similarity within this family 

2 K(s) + FaCg) 2 KF(s) + energy 
2 K(s) + CWg) — ► 2 KCI(s) H- energy 
2 K(s) -h Br^fg) 2 KBr(s) + energy 
2 K(s) -h Wg) 2KI(s)-|-eneigy 

These reactions proceed readily ionic solids, with the general 
formula KX, are formed Each of these white solids is crystalline, 
with the same structure that we saw for NaCl, page 94. The 
negative ions F~, Cr, Br~ and r are called halide ions. 


EXERCISE 7-3 

Write the equations for the reactions between each alkali metal and 
the halogen which is in the same row of the Periodic TOble 



The halogens react with hydrogen gas to form the hydrogen 
halides 

H 2 (g) + h(Q) 2HF(g) + energy 
HjCg) + Cl 2 (g) — > 2 HCI(g) + energy 
HsCg) + Br 2 (g) 2 HBr(g) + energy 
H 2 (g) + l 2 (g) 2 HI (g) + energy 

The hydrogen halides are gases at room temperature The most 
important properties of the hydrogen halides are seen in their aqueous 
solutions These compounds are very soluble in water They give 
solutions that conduct electric current This property suggests that 
ions are present The reactions can be written in this way 

HF(g) 4- water— > H'^(aq) + F“(aq) 

HCI(g) + water H+(aq) + Cr(aq) 

HBr(g) + water— H'^taq) + Br"'(aq) 

Hl(g) + water— ^ H'^(aq) + r(aq) 

These solutions have similar properties and are called acid solutions 
The common species in the solutions is the aqueous hydrogen 
ion, H‘^(aq) The properties of acid solutions are attributed to 
this ion We shall discuss acids and bases more extensively in 
Chapter 14 

7-5 Review 

The Periodic Table proposed by the Russian chemist, Mendeleev, 
IS one of the most important regularities in chemistry By arranging 
the elements as in the diagram showm inside the front cover of this 
book, we can simplify the problem of understanding and remember- 
ing the large number of experimental observations made by chemists 

The elements grouped in vertical columns have very similar prop- 
erties In this chapter, we have discussed three chemical families 
the noble gdses, the alkali metals, and the halogens It is easy to see 
that general statements can be made about the chemical and physical 
properties of these elements and about the compounds they form 
There will be many more examples in this book of the usefulness of 
the Periodic Table 

The search for an explanation of the periodic properties of the 
elements was a long one The key was found to be an understanding 
of atomic structure, but this eluded scientists for many years In the 
next two chapters we will outline the experiments and the interpre- 
tations that led to our present model of the atom 
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Questions and Problems for Chapter 7 


1 

Write the molecular formulas of the hydrogen com- 
pounds of the second-row elements, Li, Be, B, C, N, 
0, F, Ne Indicate, for each compound, the H/M atom 
ratio 

2 

What IS the significance of the trends in the boiling 
temperatures and melting temperatures of the noble 
gases in terms of attractions among the atoms? 

3 

Why is argon used m many eiectnc light lamps? 

4 

Which of the following is NOT a correct formula for a 
substance at normal laboratory conditions? 

(a) H 2 S(g) (d) NaNe(s) 

(b) CaCla(s) (e) Al 203 (s) 

(c) He(g) 

6 

Use the information in Table 7-8, page 1 12, to prepare 
a column listing the properties of element 87, francium. 
Give balanced equations for some chemical reactions 
expected for francium 

6 

Use the information m Table 7-9, page 1 15, to prepare 
a column listing the properties of element 85, astatine 
List some chemical reactions expected for astatine 

7 

How do the trends in physical properties for the 
halogens compare with those for the noble gases? 
Compare boiling temperatures, melting temperatures, 
and ionization energies. 

8 

Chlorine is commonly used as a germicide in swimming 
pools. When chlorine dissolves in water, it reacts to 
form hypochlorous acid, 

Clj + HjO HOa(aq) -F H+(aq) + Cr(aq) 


Predict what happens when bromine, Br 2 , dissolves m 
water Wnte the equation for the reaction 

9 

From the following expenmental information, identify 
which chemical family and which element is descnbed. 
Answer each part separately 

identify the specific element as soon as possible 
Element A 

(a) has an ionization energy of more than 400 
iccal/mole. 

(b) IS a gas at room temperature. 

(c) reacts readily with element number 1 1 to form an 
ionic solid. 

(d) has the highest ionization energy of any element 
in the family. 

Element B : 

(a) has an ionizatton energy less than 400 kcal/moie 

(b) has a boiling temperature above 8GO*C. 

(c) reacts with certain elements to form ionic solids 

(d) reacts with hydrogen m a ona to one ratio 

(e) reacts with water to liberate hydrogen gas 

(f) has the lowest molar mass and density of any 
element in the family. 

Element C. 

(a) does not form a hydride. 

(b) has a boiling temperature below 25*^C. 

(c) has an ionization energy less than 300 koal/mole 

(d) forms compounds with both fiuonne and oxygen 

10 

Follow the instnictions for Problem 9. 

Element D : 

(a) is a solid at room temperature. 

(b) reacts with certain elements to form tonic solids 

(c) forms a hydride 

(d) does not react with water 

Element E: 

(a) Is a good conductor of electricity 

(b) melts at a temperature a few degrees above 25®C. 
(o) has a low ionization erwgy. 
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Element F • 

(a) readily forms a gaseous hydride 

(b) the hydride reacts with water to form an acidic 
solution 

(c) reacts with hot alkali metals to form an ionic solid 

(d) has the lowest boiling temperature and the highest 
ionization energy of any element in the family 

11 

The metals of the second column of the Periodic Table 
combine with the halogens to form ionic solids Write a 
general equation to represent these reactions using M 
for the metals and X for the halogens 

12 

Use Table 7-4 and the Periodic Table to suggest for- 
mulas for compounds of the following pairs of elements 
(a^ strontium-sulfur 
(6) gallium-fluorine 
(c) beryllium-tellurium 


(d) chlorine-iodine 

(e) arsenic-bromine 

13 

The metallic elements Na, Mg, and Si in row 3 of the 
Periodic Table have atomic radii of 1 9, 1 60, and 
1 3 A. Estimate the size of an aluminum atom in a 
metal sample 

14 

The size of an atom can be expressed as the closest 
distance of approach by another atom For the halogens 
the values are F, 1 35, Cl, 1 80, and Br, 1 95 A Esti- 
mate the value for iodine 

15 

The heat of vaporization of some elements in row 5 of 
the Periodic Table are* Y, 94, Zr, 139, Mo, 142, 
Tc, 138, Rh, 118, and Ag, 61 kcal/mole Estimate 
values for Nb, Pd, and Ru 



The Structure of the Atom 


We have seen how chemists in the nineteenth century, looking for 
a way to arrange the elements, developed the Periodic Table At the 
same time many physicists were carrying out experiments on the 
conduction of electricity in gases In this chapter we will look at 
these experiments They provided the clues that eventually led to 
our present model for atomic structure Like the conclusion of a 
mystery story, the explanation now seems clear and simple. 

Look carefully at the apparatus outlined in Figure 8-1 . Metal elec- 
trodes are sealed m each end of a long glass tube. A vacuum pump 
for removing gas is attached to the glass tube. A high voltage, about 
1 0,000 volts, can be applied to the electrodes When the gas pres- 
sure m the tube is at one atmosphere, no electric current flows 
through the tube. When the gas pressure is decreased to about 
0,01 atmosphere, an electric current flows. At the same time, light 
is emitted by the gas You have seen this phenomenon many times. 
The neon lights used in advertising signs operate this way These 
lights contain gas at low pressure. 

As the gas pressure in the tube is decreased further, a sequence 
of observations can be made. A dark space appears in the vicinity 
of one electrode This electrode is called the cathode. Alternate 
light and dark spaces can be seen between the two electrodes This 
pattern is shown in Figure 8-1. At still lower gas pressures, about 
10“^ atmosphere, the dark space increases in length until it reaches 
the other electrode. This electrode is called the anode. At such low 
pressures, no light is given out by the small amount of gas m the 
tube Instead something new can be obseived. The glass of the 
tube glows with a faint greenish light. We say that the glass 
fluoresces. 

Some physicists earned out expenments to explore what hap- 
pened inside the discharge tube. Other physicists were interested 
in studying the light emitted by the gas. To pick up the venous 
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High voltage 
10,000 volts 




threads of the story, we will first discuss light and its energy Then 
we will outline the experiments that led to the discovery of the 
electron 


8-1 Light 

Many of you have used a small lens to focus sunlight on a piece of 
paper With patience you can increase the temperature of the paper 
until It finally bursts into flame A solar furnace develops a tem- 
perature of several thousand degrees by focusing sunlight Almost 
any substance can be melted in such a furnace The temperature 
rise means that energy has been absorbed This energy must be 
carried by light A study of the energy carried by light will help 
us understand additional experiments with gas discharge tubes 
Light IS often described as a wave motion Any wave motion can 
be discussed in terms of frequency and wavelength We can under- 
stand these words by thinking of a familiar example of waves, waves 
in water Suppose you were standing on a cliff looking out over the 
ocean On most days, you could see waves that move toward the 
shore in regular fashion You can watch these waves as they ap- 
proach the beach The noise of the breakers and the erosion of the 
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beach demonstrate that water waves carry energy The wave is a 
pulse of energy moving through the water The energy of some 
distant disturbance, perhaps storm winds at sea or an earthquake, 
IS carried through the ocean by water waves Some of the energy 
IS expended when the waves crash on the beach 
Suppose there is a small boat drifting far out on the ocean You 
can see the boat rise and fall with each wave However, the boat 
does not seem to move forward with the wave The motion of the 
boat IS up and down, at nght angles to the motion of the energy 
pulse We use the word frequency to tell how many times the boat 
rises on a wave every second For water on the ocean, the frequency 
might be one wave every twenty seconds The frequency would be 
V 20 or 5 X 10“^ wave per second The Greek letter nu, v, is used 
as shorthand for frequency of wave motion Another word that is 
important when talking of wave motion is wavelength. Wavelength 



IS the distance from the top of one wave to the top of the next wave 
In the ocean the wavelength might be 50 feet The Greek letter 
lambda, X, is used as shorthand for wavelength 
Light IS a form of energy that can travel through space For many 
experiments it is helpful to think of light as a wave motion These 
waves can be described by their frequency and by their wavelength 
An instrument called a spectrograph helps us learn more about light 
A simple spectrograph is shown in Figure 8-3 A source of light is 
provided by a hot tungsten wire. The wire is heated by passing 
electric current through it At about 1000®C the wire glows with a 
bright white light Some of this light enters a narrow slit and is 
focused into a beam by the lens The light beam, passing through 
the prism, is bent or refracted The different frequencies that make 
up white light are bent through different angles and a rainbow of 
colors can be seen Each color corresponds to a wave with a par- 
ticular frequency and wavelength After passing through the pnsm, 
the light can be focused on a photographic film. After the photo- 
graphic film has been developed, it shows a broad darkened region. 
The pattern, recorded on the film, is called the spectrum of light 
All colors of light from red to blue are present in the light from a hot 
tungsten wire, Such a spectrum is called a continuous spectrum 
In Table 8-1 the frequencies and wavelengths for light waves are 
compared with values for water waves Red and blue light waves 
have very high frequencies Their wavelengths are small 
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TABLE 8-1 

Frequency and Wavelength for Different Kinds of Waves 


Kind of Wave 

Frequency 

(number per second) 

Wavelength 

(centimeters) 

Water 

5 X 10-= 

1 5 X 10^ 

Red light 

43 X lO” 

70x10-^ 

Blue light 

75 X 10” 

40 X 10-^ 



FtQUHE 84 The continuous spectrum of light emitted by a hot tungsten wire 


The darkening of the photographic film extends outside the familiar 
rainbow of colors. There are frequencies of light emitted by the hot 
tungsten wire that cannot be detected by the human eye Light 
waves with frequencies somewhat lower than the frequency of red 
light are called infrared rays. Light waves with frequencies just 
higher than the frequency of blue light are called ultraviolet rays. 

It IS important to talk about energy in quantitative terms How 
much energy is carried by light? The answer is simple in mathe- 
matical form but not simple in concept We have already seen that 
matter occurs in units called atoms Electric charge also comes in 
units, Energy in the form of light comes in units too These units 
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of energy are called photons. Each photon contains an amount of 
energy determined fay the frequency of light A German scientist, 
Max Planck, first proposed the equation relating energy and 
frequency 

E - hv 

The quantity h is called Planck's constant It is a conversion factor 
to change frequency units into energy units The experimental 
evidence that led to this equation is a fascinating story However, 
we will not discuss these experiments in this book Perhaps you 
will hear about them in a physics class some day 
Let us look now at the experiment with the spectrograph shown 
in Figure 8-4 We have changed the light source The tungsten 
wire IS replaced by a discharge tube containing hydrogen gas at 
low pressure When electric current flows in the hydrogen discharge 
tube, red light is emitted Once again the spectrum from this light 
source is recorded on photographic film The spectrum consists of a 
senes of sharp lines Each line corresponds to a particular frequency 
of light emitted by hydrogen atoms Between these lines the film 
has not been darkened One interpretation is that hydrogen emits 
light at certain frequencies only This kind of spectrum is called a 
line spectrum All elements in the gas phase emit characteristic 
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line spectra when they are heated to a high temperature or when an 
electric discharge passes through them Most line spectra of the 
elements are complex, containing many separate lines Only a few 
elements have line spectra that are simple 

Because of its simplicity the pattern exhibited in the hydrogen 
spectrum intrigued scientists Did the spectrum of hydrogen depend 
on the structure of the hydrogen atom? Many scientists thought 
this was a reasonable assumption An explanation for the line spec- 
trum of hydrogen might lead to an understanding of the atomic 
structure for hydrogen But the search for an explanation was a 
long one 

In 1885 Balmer proposed a simple mathematical relation for the 
frequencies m the visible portion of the hydrogen spectrum 

I- -329 X 10”^^-^^ /) = 3,4,6 

The different frequencies of the spectral lines are obtained by 
changing n from 3 to 4 to 5 and so on As an example, let /? = 3 

j/ ~ 3 29 X 1 0’® = 4 57 X 1 0’^ waves per second 

This frequency corresponds to the first line m the visible part of the 
hydrogen spectrum 
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Draw a line 8 cm long on a piece of paper and mark off 2 cm divisions 
Label each of these divisions from 40 X 10’Mo 80 x 10’^ waves 
per second Use the Balmer formula to calculate v when /) = 4, 5, 6. 
7 , and 8 Draw a vertical mark for each of these frequencies on your 
frequency scale. Include the value for n = 3 calculated in the 
example above. 


This formula is in agreement with the experimental fact that the 
spectral lines get closer and closer together as one moves toward 
the blue end of the spectrum The agreement between the fre- 
quencies calculated from this simple formula and the expenmental 
spectral lines was amazing Scientists were convinced that some 
simple model for the hydrogen atom would provide an explanation 
for the spectrum and for the Balmer formula It was almost thirty 
years later, after many more experiments, that a suitable model was 
proposed 

8-2 The Discovery of the Electron 

Now return to the gas discharge tube we discussed earlier At 
sufficiently low pressures the glass of the discharge tube glows with 
a greenish light when electricity passes through the gas A per- 
forated shield IS placed in the tube to form a narrow beam of cathode 
rays A fluorescent screen lets us follow the movement of the beam 
The experiment illustrated in Figure 8-5 provides a very important 
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FIGURE 8-5 

Gaseous discharge tube Cathode rays 
pass through hole in anode. Size and 
position of spot on screen suggest 
cathode rays travel m straight lines. 



FIGURE 8-e 

Gaseous dischaige tube. 

Cathode fifys deflected in magnetic 
held In same direction that negabve 
etectHc charge is deflected 
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FIGURE 8-7 

Gaseous discharge tube 
Cathode rays deflected in electric 
field in same direction that negative 
electric charge is deflected 



fact Something comes from the cathode The size of the spot 
on the fluorescent screen compared to the size of the hole in the 
anode indicates that these "cathode rays" travel in straight lines 
Additional experiments showed that cathode rays carry negative 
electric charge These experiments are illustrated in Figures 8-6 and 
8-7 When a magnet is placed near the tube, the cathode rays 
are deflected This behavior is like the behavior of negatively charged 
particles The direction of deflection suggests that the cathode rays 
carry a negative electric charge Figure 8-7 shows the same ap- 
paratus with two additional electrodes sealed in the discharge tube 
An electrical voltage can be applied to these electrodes The cathode 
rays move toward the positively charged electrode This result also 
indicates that cathode rays carry negative electric charge 


FIGURE 8-8 

Gaseous discharge tube set up for the 
e/m experiment Cathode rays deflected 
through magnetic and electric fields 


Cdthode Anode Fluorescent screen 



An English scientist, J. J Thomson, combined the two experi- 
ments we have just described He was able to study the behavior 
of cathode rays passing through both a magnetic field and an electric 
field We can think of this experiment in stages First the cathode 
rays are deflected down as they pass through the magnetic field 
(Figure 8-8) The beam is deflected up as it passes through the 
electric field (Figure 8-8) It is possible to balance these fields so 
that the cathode rays strike the fluorescent screen at the same 
position as the beam does when neither field is present This 
experiment measures the ratio of the electric charge, e, to the mass, m, 
of the particles in the cathode rays 




Thomson used many different discharge tubes in his expenments 
He changed the metal of the electrodes. He placed different gases 
in the tube For all expenmental arrangements, the charge to mass 
ratio, ejm, for cathode rays was always the same Thomson referred 
to cathode rays as electrons and found that the ratio, ejm, for 
electrons is a targe number There are two interpretations Either 
the charge e is a relatively large number or the mass m is a relatively 
small number In Chapter 6, page 90, we discussed Millikan's ex- 
periment to measure the charge on the electron We can combine 
the results of Millikan's experiment and Thomson's experiment to 
obtain numerical values for the charge and for the mass of the 
electron 

Thomson expenment ejm « 1 76 x 10* coulombs/gram 

Millikan expenment e « 1.60 X 10"’’ coulomb/electron 
A simple calculation gives us the mass of the electron 

1.60 X 10~”coulomb/electron 
1 76 X 10® coulombs/gram 
m = 9 1 X 10"^® gram/electron 

We have talked in terms of molar masses for the elements We 
can do the same for the electron 

Molar mass (electron) 

= 91 X 10“” gram/electron x 60 x 10^® electrons/mole 

= 55 X 10"^ gram/mole 

The electron has much less mass than the lightest atom, the hydrogen 
atom 

Molar mass (hydrogen atom) « 1 008 grams/mole 
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8-3 The Discovery of the Proton 

Thomson was able to carry out the same sort of measurement for 
another set of particles that are present in a gas discharge tube 
We have not yet mentioned them in our discussion. If the cathode 
in a gas discharge tube has holes in it, careful observation shows that 
some kind of particles move toward the cathode (Remember that 
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FIGURE t-9 
Canal rays. 
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cathode rays or electrons travel from the cathode toward the anode ) 
Some of the particles moving toward the cathode pass through the 
holes as indicated in Figure 8-9 Their behavior in electric and mag- 
netic fields indicates that they carry a positive electric charge 
Thomson measured the charge to mass ratio, ejm, for these positive 
ions This ratio was found to be much smaller than ejm for electrons 
More important, the a/m values depended on the gas in the discharge 
tube The charge to mass ratio for electrons did not depend on the 
nature of the gas Comparison of the experiments that were made 
on these two kinds of particles is revealing 
In a gas discharge tube, electrons and positive ions are formed 
Electric current passes through the gas as these charged particles 
move towards the electrodes The charge to mass ratio for these 
ions can be measured by studying their behavior in electric and 
magnetic fields Table 8-2 summarizes the experimental results 

TABLE 8-2 


Experimental Results for the Positive and Negative Ions 
Formed in Gas Discharge Tubes 


Electric Charge 
of Ion 

Charge to 

Mass Ratios, a/m 

Characteristics 

Negative 

large numbers 

Same values for all gases 

Positive 

small numbers 

Different values depending 
on gas in discharge tube, 


Thomson interpreted these results in this manner When sufficient 
energy is available in the gas discharge tube, the gas is ionized We 
can illustrate this with some equations 

H2(g)->2H(g) 

H{g)->H+(g) + e- 
He(g) — »■ H6+(g) + a" 

Particles with positive and negative charge form The e/m values for 
the particles with negative charge are always the same because the 
same particle, the electron, forms in each case The nature of the 
positive ion depends on the gas in the discharge tube The e/m values 
differ from one gas to another The e/m value for the hydrogen ion 
was the largest that Thomson found for any of the positive ions, 
He made the reasonable assumption that the charge on the hydrogen 
ion was^qual to the charge on the electron but opposite in sign 
The mass value can be calculated and is almost the same as the 
mass of the hydrogen atom This particle is called the proton. 
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FIGURE 8-11 

Ionization of hafuim atom 
{Thomson'f modal) 


8-4 The Thomson Model for the Atom 

Thomson was the first to propose a detailed nnodel of the atom He 
pictured all atoms as made of positively charged protons plus nega- 
tively charged electrons In the neutral atom, there are equal numbers 
of these two kinds of particles When energy is supplied to an 
atom, an electron is given up The electron, or cathode ray, is always 
the same The positive ion that is formed depends on the kind of 
atoms in the gas. Thomson's view of atomic structure is illustrated 
m Figure 8-10 A helium atom is used as the example The molar 
mass for helium is very close to 4 grams Thomson proposed that 
the helium atom contained 4 protons Since each proton has one 
unit of mass, four protons would furnish the m^ for helium 
Thomson's atom also contained four electrons Electrons have such 
low mass that they contnbute little to the mass of a helium atom 
The electrons, however, provide negative electnc charge to the atom 
Figure 8-11 illustrates the ionization of a helium atom Thomson's 
proposal was an important step in the growth of the atomic model. 
It was the first real change from Dalton's simple view of atomic 
structure Dalton pictured an atom as a hard sphere Thomson's 
model failed because it did not provide any explanation for the line 
spectrum of an element Still, his ideas provided the basis for another 
group of experiments 

8-5 The Discovery of X Rays and Radioactivity 

While studying a variety of gas discharge tubes m 1895, a German 
scientist, Rontgen, provided an explanation for some obsen/ations 
that other scientists had overlooked We have already mentioned 
the greenish fluorescence from the glass of a gas discharge tube. 
Rontgen discovered that air some distance from the tube was 
ionized when this greenish glow began He could show easily that 
the ionization was not caused by the green light A piece of paper 
stops the green light but does not change the ionization Apparently 
a new phenomenon was being observed 
Rontgen invented the name X rays to explain his observation. 
When the cathode rays hit the glass of the discharge tube, X rays 
were formed We know today that he discovered a form of light 
with very high energy The frequency for X rays is much higher than 
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FIGURE 8-12 

The Rutherford Experiment 


/ilphi iiirtides leave radium at 
wi&a/aecoiid, yet they travel 
^ fea^eeihrpugh air 


the frequency for visible light The wavelengths for X rays are much 
smaller than the wavelengths for visible light The fact that X rays 
are not readily stopped by matter has led to several very important 
applications Your dentist has undoubtedly made an X-ray picture 
of your teeth X rays are absorbed more by the high density material 
in your teeth than by the low density tissues of your cheek and 
gums Your teeth cast a shadow on the film The dentist can easily 
tell if you have any hidden cavities in your teeth The same principle 
IS involved in taking an X-ray picture of a broken bone or finding a 
crack in a piece of steel 

Many scientists began to study the effects of X radiation The 
fact that X-ray emission occurred at the same time the green 
fluorescence in the glass was observed raised the question 
Is fluorescence always accompanied 
by the emission of X rays? 

It was known that certain substances fluoresced when exposed to 
sunlight The question could be answered readily by some simple 
experiments Expose a fluorescent substance to sunlight Place it 
next to a photographic film, wrapped in black paper to exclude light 
Develop the film to see if any radiation passed through the paper 

In the winter of 1 896 a French scientist, Becquerel, was trying 
this kind of experiment with a uranium compound Becquerel knew 
that uranium compounds exhibited strong fluorescence By chance 
there was cloudy weather for several days To Becquerel's surprise, 
even in the absence of sunlight, uranium compounds caused a 
photographic film to darken Here was a new phenomenon that 
was independent of fluorescence Uranium compounds emitted 
radiation that affected a photographic film 

A large number of experiments showed that several elements in 
addition to uranium exhibited this behavior Since energy is needed 
to affect a photographic film, it was clear that these elements were 
able to give up energy spontaneously Moreover, the rate at which 
energy is released by a particular element could not be changed 
Heating the sample, freezing the material, or carrying an element 
through a series of chemical reactions did not slow down or speed up 
the energy released from these elements These elements have the 
property of undergoing radioactive decay We shall discuss radio- 
activity in Chapter 21 For now, we only need to know a few facts 
about It. 

The energy released in radioactive decay may be in three forms 
For some elements, very high frequency waves similar to X rays are 
produced The name gamma rays, 7 rays, is used in talking about 
this form of energy In other elements, high speed electrons are 
released These electrons are called beta rays, j3 rays With the 
exception of their very high speeds, these electrons have the same 
properties as the electrons Thomson studied in gas discharge tubes 
Formation of alpha particles, a particles, is the third way that these 
elements give up energy Alpha particles have a positive electric 
charge of two units, 2+, and have much higher mass than beta rays 
Because of their high mass, alpha particles are not easily deflected. 



They travel in straight lines Alpha particles are helium atoms that 
have lost two electrons 

8-6 The Rutherford Model of the Atom 

Many of the important experiieents dealing with radioactivity were 
performed by Rutherford and his co-workers In this section vre will 
outline one of these expenments It deals with the way alpha par- 
ticles are deflected when they pass through thin metallic foite. 

Firstr let us look at the experiment. Then perhaps we can ap- 
preciate Rutherford's interpretation Once more we are following the 
activities of science ; observation, a search for regularity, and wonder- 
ing why 

Figure 8-12 shows the experiment that Rutherford earned out in 
1911. A sample of ladioactiU inaterial was placed in the lead box 
ontheteftofdwdia^am. A narrow beem cl alpha particles escaped 
through the small hole in the side of the box Thin metal foils of 
different efements were placed in the path of the beem of alpha 
partiefes. A fluorescent screen was set up around the fotf. When 
an alpha particle hit the fluorescent screen, a flesh of light could be 
seen. Most of the high energy alpha particles passed straight through 
the metal foil to hit the fluorescent screen at point A. Occasionaliy 
an alpha particle would be deflected through a small angle to strike 
the screen at point Much to Rutherford's arnazernerit a few alpha 
particles were deflected through very large angles. Some would 
strike the screen at point C. in a lectine that he gave m 1936, 
Rutherford desenbed his astonishment by saying ; "It was about as 
credible as if you had fired a 15-inch shelf at a piece of tissue paper 
and It came back and hit you." In every experiment, almost all the 
alpha particles passed straight through the foif. But there were always 
a few that were deflected through large angles. 

Rutherford could not explain these results using Thomson's model 
of the atom. He knew that the positively charged alpha particle would 
be repelled by the positive charges that Thomson spread through 
his atoms Small angle deflections, as in Figure 8-13, would not 
be a surpnse Large angle deflections could not be explatned. 
Rutherford suggested that the positive charge in an atom was con- 
tained m a very small nucleus. Most of the mass would also be in 
the nucleus. The electrons in the atom, with their negative charges, 
surrounded the nucleus like a swarm of bees The mass of an 
electron is so small that one could almost ignore it 

Consider once more Rutherford's alpha scattenng expenment 
Figure 8-14 offers a schematic explanation of what happened. 
Since the nucleus of the atom is so small, most of the alpha particles 
would not come very dose to a nucleus Alpha partiefes would pass 
through the foil without much deflection Some of the alpha par- 
ticles would pass near the positively charged nucleus Positive 
electric charges repel one another. These alpha particles would be 
deflected through small angles Every once in a while an alpha 
particle would collide almost head-on with a nucleus. These par- 


133 



FIGURE 8-13 

Thft leattenng of alpha particlea by a 
metaBfc cryital made up d Tlwif^ 
Hutharfoiti'a rasults an not expiatned 



FIGURE M4 

The acMtarlng of dpha partidee by a 
metaaic crystal made up of Hutherfod atoms. 
Rutherfonf f results an explained. 




FIGURE 8-16 

The search for expenmental regularity 
that leads to an explanation of 
atomic structure, 



tides would change their directions through large angles Rutherford 
was able to calculate from his model the fraction of alpha particles 
deflected through a particular angle The agreement between the 
experiments and his model was excellent The Rutherford model 
proposes that the mass of an atom and its positive charge are con- 
centrated in a nucleus that is about one hundred-thousandth of the 
diameter of the atom The negative charge carried by electrons is 
spread throughout a much larger volume Electrons define the size 
of an atom 

Another important result of the scattering experiment was the 
determination of the positive electric charge on the nucleus It is 
easy to understand how one can measure this positive charge, but 
the experiment requires great care and patience As it passes through 
the metal foil, an alpha particle with its 2 + charge would be deflected 
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through a large angle by a nucleus with a large positive charge For 
small nuclear charge, the alpha particle would not be deflected as 
much These experiments show that the positive charge on the 
nucleus of an atom is always an integer. More important the nuclear 
charge corresponds exactly to the position of an element in the 
Periodic Table In talking about the Periodic Table in the last chapter 
we referred to the numerical order of the elements The significance 
IS now clear. The nunjenca! order is called the atomic number of 
the element The atomic number of an element is equal to the 
positive charge on its nucleus For hydrogen this number is 1 . The 
nucleus of a hydrogen atom carries a 1 + charge For calcium the 
atomic number is 20 The calcium nucleus has a charge of 20+ 
The form of the Periodic Table is tied directly to the structure of 
atoms In the next chapter we will find out more about this subject 

8-7 The Neutron and isotopes 

The Rutherford model of the atom places protons in the nucleus 
with electrons surrounding it Chemical properties of an element 
depend almost entirely on the behavior of these electrons Before 
discussing that subject let's bnefly descnbe the nucleus of an atom 
as It IS understood today We jump from 1911 to 1932 in order to 
do this 

In that year a different type of scattenng expenment was being 
studied These experiments could only be explained by postulating 
a new type of particle with zero electric charge Its mass is very 
close to the proton mass It is called the neutron. Like the proton, 
the neutron is found in the nucleus With the neutron we can build 
up atoms for all the elements Table 8-3 describes the building blocks 
for all atoms 


TABLE 8-3 

Charge and Mass of Electron, Proton, and Neutron 


Particle 

Charge 

Approximate mass relative to proton 

Electron 

1- 

Vj840 

Proton 1 

1 + 

1 

Neutron 

1 

0 

1 


Each atom has a nucleus made up of protons and neutrons All atoms 
of a particular element have the same electric charge on the nucleus 
This means alt atoms of a particular element have the same number 
of protons in the nucleus 


plus the number of the neutrons The mass number is an integer 
which has approximately the same value as the molar Not all 
atoms of an element have the same mass number. 


Tlje protons plus the neutrons account for the mass of the nucleus 
e mass number of the nucleus equals the number of protons 




Atoms that have the same nuclear charge but different nuclear 
masses are called isotopes. Isotopes have the same number of 
protons but different numbers of neutrons in the nucleus An 
example will help make this statement clear 
Lithium IS the element with atomic number equal to three All 
lithium atoms have three protons m their nuclei Some lithium atoms 
have mass number of six Other lithium atoms have mass number 
of seven The isotope, Li-6, has three protons and three neutrons 
in the nucleus The isotope, Li-7, has three protons and four neutrons 
in the nucleus Each lithium isotope has three electrons in the 
neutral atom Table 8-4 summarizes the structure of some common 
isotopes The neutrons in a nucleus apparently provide attractive 
forces to hold the nucleus together These forces are not yet under- 
stood However, the attractive forces must predominate over the 
electrical repulsions between the protons in the nucleus 


TABLE 8-4 Structure of Some Common Isotopes 


Isotope 

Abundance 

in 

Nature 

Atomic 
Number | 

Mass 

Number 

Nucleus 

Mass 
of Atom 

Number 

of 

Electrons 
in Neutral 
Atom 

Number 

of 

Protons 

Number 

of 

Neutrons 

Electric 

Charge 

C” = 120000 

Hydrogen-1 

99984% 

1 

1 

1 

0 

1-f 

1 0078 

1 

HyckDgen-2 

0016 

1 

2 

1 

1 

1 + 

20141 

1 

Heiium-3 

1.3X10-^ 

2 

3 

2 

1 

2+ 

30160 

2 

HeHum-4 

, 100 

2 

4 

2 

2 

2+ 

40026 

2 

Udilum-6 

7.42 

3 


■■ 

3 

3+ 

60151 

3 

lidwjm-7 

1 92.58 

3 



4 

3+ 


3 

BeryflHHn-9 

100 

4 


■1 

5 

4+ 

90122 

4 

Boron-10 

1961 

5 

10 

5 

5 

5+ 

100129 

5 

Boron-11 

8039 

5 

11 

5 

6 

5+ 

11 0093 

5 

C«bon-12 

98893 

6 

12 

6 

6 

6+ 


6 

C8rbon-13 

1108 

6 

13 

6 

7 

6+ 

130034 

6 

l^ogen-14 

9963 

7 

14 

7 

7 

7+ 

140031 

7 

Hteogen-15 

037 

7 

15 

7 

8 

7+ 

150001 

7 

Qxygen-ie 

9976 

8 

16 

8 

8 

8-H 

159949 

8 

C^n-17 

004 

8 

17 

8 

9 

8+ 

16 9991 

8 

1 

020 

8 

18 

8 

10 

8+ 

17 9992 

8 

fbiodne-19 

100 

9 

19 

9 

10 

9+ 

189984 

9 


75.53 

17 

35 

1 

1 17 

18 

17+ 

349689 

17 

CMpriH*-$7 

24,47 

17 

37 

17 

20 

17+ 

369659 

17 


0J2 

92 

235 

92 

143 

92+ 

I 235 0439 

92 

iniiii 

9927 

92 

238 

92 

146 

92+ 

2380508 

92 
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Most chemical etements consist of a mixture of isotopes For 
example, oxygen has three stable isotopes The nuclear charge is 
S'}- for each isotope The mass numbers are 16, 17, and 18. The 
kind of atom having mass number 16 is the most abundant The 
chemical properties for these three isotopes depend almost entirely 
on the nuclear charge and not on the nuclear mass Chemists can 
speak about the reactions of oxygen without specifying the isotope 
The molar mass you see m a Periodic Table is a weighted average 
derived from the masses of the isotopes, allowing for their relative 
abundance 

8-8 Review 

The search for an explanation for atomic structure is surely one of 
the best examples of how science grows From an initial cunosity 
about the conductivity of electricity in gases at low pressure to the 
discovery of the neutron, one expenment led to another Sometimes 
questions, answem, and more experiments followed rapidly on each 
other, sometimes answers did not appear for many years. In this 
chapter we have outlijied briefly the most significant of the experi- 
ments We can summarize this search with the block diagram in 
Figure 8-1 5 Some of the expenments seemed to be unrelated to the 
mainstream, only to provide an important link at a later date In 
the next chapter we will see how the question marks in this diagram 
were removed. The important building blocks for atoms are elec- 
trons, protons, and neutrons The electrons in an atom occupy a 
volume about 10’^ times larger than the nucleus of the atom. A 
neutral atom has Z protons m the nucleus arxl Z el^ons in the 
volume around the nucleus The symbol 2 is used to represent 
the atomic number of an element Except for the simplest atom, 
hydrogen, the nuclei of all atoms contain neutrons The number of 
neutrons in a nucleus 1$ designated by the symbol N, The mass 
number for an atom is equal to Z fV, which is approximately equal 
to the mass of the atom 

All atoms of an element have 2 protons in the nucleus 

Atoms of the same element may have different mass numbers, 
that IS, different numbers of neutrons in the nucleus. 

Atoms with the same 2 but different N are called isotopes. 


Questions and Problems for Chapter 8 


Use the data about water waves on page 124 to 
calculate how fast the wave is moving, in miies per 
hour 

2 

The electromagnetic waves used m FM broadcasting 
by radio or television have frequencies of approximately 


100 megacycles per second. In standard AM radio 
broadcasting, the frequency is approximately 1 mega- 
cycle per second 

Use the relationship X « c/v, viihere c vi^ocity of 
l‘^ht 3.0 X 10^ cm/sec, to calculate the wave- 
lengths used in AM and FM broadcasting. Compare 
these v^ues with the wavelengths fix’ and blue 
light m Table 8-1. 
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3 

The pressure in a gaseous discharge tube is approxi- 
mately 10“^ atmosphere when glow discharge begins 
As the pressure is decreased, the cathode dark space 
increases in length At about 10“^ atmosphere pres- 
sure, the glow discharge disappears 
How many molecules would there be in one cubic 
centimeter of gas when the glow first appears ? 

How many molecules would there be in one cubic 
centimeter of gas when the glow disappears? 

4 

How many electrons are needed to furnish a mass of 
one gram? What would be the mass of a mole of 
electrons? 

5 

How much electric charge is provided by one mole of 
electrons? By one mole of protons? 

6 

From the molar mass of the electron and the molar 
mass of the hydrogen atom, calculate the molar mass 
of the proton Calculate the ratio of proton mass to 
electron mass 

7 

The nucleus of an aluminum atom has a diameter of 
about 2 X 10"’® cm The atom has an average 
diameter of about 3x10“® cm Calculate the ratio of 
the diameters 

s 

The radius of a carbon atom in many compounds is 
0.77 X 1 0"® cm If the radius of a Styrofoam ball used 
to represent the carbon atom in a molecular model is 
1.5 cm, how much of an enlargement is this? 

9 

Platinum and zmc have the same number of atoms per 
cubic centimeter Would thin sheets of these elements 
differ in the way they scatter alpha particles ? Explain 


10 

Assume that the nucleus of the fluorine atom is a sphere 
with a radius of 5 X 10"’® cm Calculate the density 
of matter in the fluorine nucleus 

11 

An average dimension for the radius of a nucleus is 
1 X 1 0“’® cm and for the radius of an atom is 1 x 1 0"® 
cm Determine the ratio of atomic volume to nuclear 
volume 

12 

Which would have a larger charge to mass ratio, a 
Na"^ or a K"’’ ion ? 

13 

Suppose, in the Thomson model for the atom, that the 
charge of the proton is uniformly spread throughout 
the volume for one hydrogen atom Using the value 
10“® cm for the radius of the hydrogen atom and 
1 6 X 10"” coulomb for the unit electric charge, cal- 
culate the charge density in coulombs/cm® 

14 

Repeat Problem 1 3 for the Rutherford model for the 
hydrogen atom The proton is now the nucleus of the 
atom, with a radius of approximately 1 0“’® cm 

16 

Use your answers from Problems 13 and 14 to discuss 
qualitatively the scattering of alpha particles by 
Thomson atoms and by Rutherford atoms 

16 

Which of the following statements is FALSE? The 
atoms of oxygen differ from the atoms of every other 
element in the following ways 

(a) the nuclei of oxygen atoms have a different number 
of protons than the nuclei of any other element, 

(b) atoms of oxygen have a higher ratio of neutrons 
to protons than the atoms of any other element. 



(c) neutral atoms of oxygen have a different number 
of electrons than neutral atoms of any other 
element; 

(d) atoms of oxygen have different chemical behavior 
than do atoms of any other element 

17 

List the number and kind of fundamental particles 
found in a neutral lithium atom that has a nucleus with 
a nuclear charge three times that of a hydrogen nucleus 
and with approximately seven times the mass 

18 

Helium, as found in nature, consists of two isotopes. 
Most of the atoms have a mass number 4, but a few 
have a mass number 3 For each isotope, indicate the * 

(a) atomic number, (d) mass number; 

(b) number of protons, (e) nuclear charge 

(c) number of neutrons; 

19 

On a separate sheet of paper copy and complete the 
following table Do not write in this book 


^Particles Per Atom 

Atomic Mass 

Element No Protons Electrons Neutrons Number 


Aluminum (AI) 
Beryllium (Be) 
Bismuth (Bi) 

13 

83 

4 



27 

9 

209 

Calcium (Ca) 



20 

20 


Carbon (C) 


6 1 


6 1 


Fluorine (F) 


1 

i 

9 


19 

Phosphorus (P) 

15 

j 

1 

16 i 

1 


Iodine (i) 



53 


127 


20 

How do isotopes of one element differ from each other ? 
How are they the same ? 

21 

Use the exact masses and the percent abundance in 
Table 8-4 for CI-35 and CI-37 to calculate the average 
molar mass for atomic chlonne. 




)mic Structure 



The experiments discussed in Chapter 8 presented exciting new 
ideas to scientists early in this century Step by step these dis- 
coveries led from one model for the atom to another as scientists 
searched for explanations of their experiments The best model that 
we know for the atom has its origin in a proposal by Niels Bohr m 
1913 Bohr's model was modified in the 1920's into the quantum 
theory of atomic structure In this chapter we will explore these 
models 

First let us see why Rutherford's model of the atom had to be 
changed There were two sets of experimental facts that contra- 
dicted each other The nuclear atom proposed by Rutherford provided 
an explanation for the experiments on the scattering of alpha par- 
ticles This model, however, was not in agreement with a large 
number of experiments dealing with electric charge These experi- 
ments had shown many times that objects with unlike electric charges 
attract each other If there is no force holding them back, the objects 
move towards each other When these objects touch, their electric 
charges are neutralized Rutherford's model had electrons with nega- 
tive charge around a very small positively charged nucleus According 
to all experiments dealing with electric charge, electrons should be 
pulled into the nucleus in a very short period of time 

A strange puzzle indeed I The best model for the atom suggested 
an unstable structure And yet, atoms do not collapse Evidently 
something was wrong with the model or with the experimental facts 
The experiments were repeated The facts remained the same 

Objects with opposite electric charge attract each other 

Only a small fraction of alpha particles are deflected by 
a thin metal foil 

The time was ripe for someone of great vision and imagination to 
provide an explanation for the many experiments dealing with atoms 
The Danish physicist Niels Bohr was such a person. He proposed a 
new model that did not contradict the known facts But in doing 
this, he had to make the revolutionary suggestion particles as small 
as electrons and protons and atoms do not behave in the same 
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manner as the large objects we deal wrth in the laboratory He sug- 
gested that atoms are stable even though the positive and negative 
electric charges in atoms seemed to have nothing to hold them apart 
With this assumption, Bohr was able to keep the nuclear atom pro- 
posed by Rutherford to explain the experiments on alpha scattering 
In addition, Bohr's model was in agreement with the line ^ 3 ectrum 
of hydrogen For the first time a model for the atom could provide 
an explanation for the spectrum of an element 
The discussion of spectra that we started in Chapter 8 will help 
us understand the reasoning that led Bohr to his atomic model 


9-1 Ionization Energy and the Hydrogen Spectrum 

Several important features of the hydrogen spectrum were pointed 
out in Section 8-1, page 122 First, hydrogen atoms emit light of 
certain frequencies. Second, the lines on the photographic film are 
spaced systematically A definite frequency of light can be associated 
with each of these lines Let us look at these spectral lines to see if 
they can be related to the energy of the atom The hydrogen atom, 
just before emission of light, has a certain energy, 
frequency, v, is emitted, carrying away energy, hv The hydrogen 
atom now must have a smaller amount of energy, f, The energy lost 
by the hydrogen atom must be equal to the energy of light carried 
away 

* hv 

All observed values for hv are smaller than the ionization energy for 
the hydrogen atom, 3136 kcai/moie This fact suggests that less 
energy is involved in producing the lines of the spectrum than is 
needed to remove an electron completely from the hydrogen atom 

A diagram will help us describe some energy changes that the 
hydrogen atom undergoes The energy of the hydrogen atom is 
represented as the lower line in Figure 9-1 The process of ionization 
IS shown by the vertical arrow 

H(g)-f 3136kcal~^H'^(g) 4-6- 

The particles produced, and e“, have considerably more 
energy than the original hydrogen atom The horizontal line repre- 
senting the energy for these particles is the higher line in the figure 
Energy is absorbed during ionization of an atom The hydrogen ion 
and the electron can recombine to form a neutral hydrogen atom 
When this occurs, energy is emitted as shown in Figure 9-2 

H'^te) + e“-^H(g) + 3136kcal 

We have already pointed out that there are many lines in the 
hydrogen spectrum More important we saw that the energy of these 
spectral lines never exceeded the ionization energy, 313 6 kcal/mole 
There is an important idea here Perhaps the line spectrum for 



FIGURE 94 
Ionization of the hydrogen atom 



FIGURE 9-2 

Recombination of H* and tT to form the 
hydogen atom. 



hydrogen means that there are mteimediate energy states for the 
hydrogen atom, between the two states we call the hydrogen atom, 
H, and the ionized state, and e~ How can we deduce from the 
spectrum what energy states a hydrogen atom can have ? 

9-2 A Model That Explains the Hydrogen Spectrunn 

If there are certain energy states for a hydrogen atom, perhaps we can 
use a staircase as a model Each step on the staircase will represent 
a different energy state Imagine many children going up and down 
this staircase If a child goes higher on the staircase, his potential 
energy increases The work that is necessary to move up a staircase 
IS transformed into energy of position Occasionally one of the 
children jumps down the staircase His potential energy is converted 
into energy of motion When he lands on a stair, the energy is con- 
verted to different forms, primarily heat and sound Suppose that we 
cannot see the staircase We can hear the children calling out or 
signaling the change they make going up or down the staircase We 
never learn which stair they are on They only announce the change 
they are making We hear numbers like "one, one, one, three, four, 
two, one, two, three, four, one " Suppose that these are the 
only numbers heard They form the energy spectrum for this stair- 
case We can easily construct the staircase the children are playing 
on even though we cannot see it It would look like the diagram in 
Figure 9-3 We can be fairly sure that the staircase is only five levels 
high because the children never announce a jump or change larger 
than four steps We assume that the children could jump more than 
four steps if the staircase werre longer 
There are two points we want to emphasize in this model, First, 
the children always change an integral number of steps There is no 
way for them to move up or down by a half or a third of a level 
Second, a change from level 5 to level 3 would be called out in the 
same way as a change from level 2 to level 4 The signal we receive 
is "2" for each of these changes 


EXERCISE 9-1 

List all possible changes on this staircase List them systematically 
For example, for the changes that begin on level 1, write 1 — > 2, 
1 — > 3, 1 — and 1 — > 5 For changes that end on level 1, 
write 5 — ^ 1, 4 — > 1, 3 — > 1, and 2 — ► 1 . Next to these indi- 
cate the size of each change Repeat for levels 2, 3, and 4 


9-3 The Hydrogen Atom 

The example in Section 9-2 outlined the way to draw a hidden 
staircase from its observed spectrum It might be useful to follow 
the same procedure for the hydrogen atom The observed spectral 
lines for hydrogen might tell us the energy changes made by the 
electron in the hydrogen atom The hydrogen spectrum m the ultra- 
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violet region is given in Table 9-1 . The energy listed for each spectral 
line IS the size of the energy change that the electron m the hydrogen 
atom signals to us We can draw a diagram of the hydrogen staircase 
from the energies listed in Table 9-1 


TABLE 9-1 

The Ultraviolet Spectrum for Atomic Hydrogen 


Wavelength, X 
(Angstroms) 

Frequency, v 
(cycles/second) 

Energy, hv 
(kcal/mole) 

1216 

247 X 10” 

2352 

1026 

292 X 10” 

2788 

973 

308 X 10” 

2940 

952 

315 X 10“ 

3011 

938 

320 X 10” 

3049 

934 

322 X 10” 

3072 

930 

324 X 10” 

3087 

1 Angstrom = 1 X 10' 

■'em 



We will assign the number 1 to the lowest level The next level, 
number 2, is drawn 235 2 kcal/mole higher and so on The top level 
of the staircase is assigned the number x This level corresponds to 
the ionized state of a hydrogen atom, and We can build our 


kcai/moh kctijmoh 







staircase by indicating a level for each of the energy values m 
Table 9-1 The result, shown in Figure 9-4, is a staircase all right 
But It IS a peculiar one 1 The steps are not the same height They get 
smaller and smaller the higher we go Between level 5 and level oo, 
there are many energy levels so close together that it is difficult to 
draw them The electron in one of the higher energy states can 
change to a lower energy level Energy in the form of light will be 
released As with the children jumping down the staircase, the elec- 
tron must change from one energy level to another There are no 
halfway resting points in either case Complete Exercise 9-2 before 
reading further 


EXERCISE 9-2 

Suppose that electrons change from the higher energy states to the 
one designated No. 2 Use the energy values in Table 9-1 to make 
a list of the energy changes that occur Compare your list with the 
Balmer spectral lines in Exercise 8-1, page 127 


9-4 Bohr's Model for the Hydrogen Atom 

We are ready to look at the model for the hydrogen atom that explains 
the hydrogen spectrum Bohr adopted Rutherford's nuclear atom and 
proposed that the electron arrangement in an atom is fixed by the 
energy of the atom He also proposed that only certain energy levels 
are possible These levels are called stationary states. As long 
as the electron is in one of the stationary states, no energy is given off 
When an electron changes from a higher to a lower stationary state, 
energy in the form of light is emitted The spectral line we see is 
caused by the emitted light Finally, Bohr assumed that the electron 
could stay in the lowest energy state indefinitely Bohr saved the 
atom from catastrophe I Negatively charged electrons would not fall 
into the positively charged nucleus We accept this surprising as- 
sumption because Bohr's model has proved so successful 
These ideas were quite revolutionary They were accepted only 
because Bohr was able to calculate the hydrogen atom energy levels 
exactly Knowing the energy levels, Bohr could calculate the spec- 
trum for the hydrogen atom The spectral lines in the ultraviolet part 
of the hydrogen spectrum correspond to the electron changing from 
the higher energy states to level 1 in Figure 9-4 You have just 
calculated another set of spectral lines in Exercise 9-2 They are 
found in the visible portion of the hydrogen spectrum These spectral 
lines are the Balmer lines and appear when an electron changes from 
high energy states to level 2 Another set of lines in the hydrogen 
spectrum is in the infrared region As you may have guessed, they 
arise when electrons in high energy states change to level 3 
From 1913 to 1 927 there was great turmoil in scientific circles as 
Bohr's ideas were discussed During this time several physicists 
developed the idea that an electron has wavelike properties When 
this idea was combined with Bohr's assumption on the behavior of 
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very small particles, the quantum theory of atomic structure was 
born We still use this theory of the behavior of matter. The principal 
equation in this theory requires more mathematics than you have Schrodinetf’t qu«mum*m«chanic»t aquation 
studied For our purposes It IS enough to know the results of these 

calculations. IT ® 

The first result is the same whether calculated by Bohr's procedure 
or by the wave theory. The energy levels or stationary states for the 
hydrogen atom are given by this formula 

e -SIBekcal/mote 


IS the amount level n is below level oc in Figure 9-4 The integer n 
takes on the values 1 , 2, 3 . . It is called the principal quantum 
number. On page 141, we stated that the energy of the tight emitted 
IS given by the equation 


£2 — hv « A£ 

We can write a general expression for the frequency of the spectral 
lines for hydrogen by combining the last two equations 

AE ^ fiv ^ 313.6 ~ ^ kcal/mole 

When 0 ) » 1 and A] » 2, 3, 4 . . , the energies correspond to the 
ultraviolet spectrum. When /ii » 2 and 02 » 3, 4, 5 . . , we obtain 
the spectral tines in the visible portion of the spectrum 

The second result that we get from the wave theory equations does 
not appear in Bohr's calculations For each value of the principal 
quantum number, n, there are ways to solve the wave equation 
For example, if /? 1, the equation can be solved in 1^ or 1 way 

If /) - 2, the equation can be solved in 2^ or 4 ways Each solution 
is called a wave function. The square of this function has an im- 
portant meaning for us It descnbes how the probability of finding 
an electron changes from place to place. We cannot trace an exact 
path as the electron moves and therefore the notion of an orbit or 
path for an electron is discarded Instead we add up the probability 
of finding the electron at vanous points around the nucleus. The 
word orbital has been chosen to describe the sum of these proba- 
bilities An orbital can be thought of as a region of space around the 
nucleus of the atom An orbital represents the space in which an 
electron is most likely to be found In the next section we will discuss 
orbitals m some detail Before doing that however, there is one 
other important point to consider. 

In Chapter 7, the discussion of the noble gas family broi^ht out 
the fact that these elements show almost no chemical reactivity. We 
also saw that the ionization energies for these elements are very high. 
The atomic structure for the noble gases must be particularly stable. 
Table 9-2 compares the number of orbitals in the hydrogen atom with 
the number of electrons m each noble gas. 
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The Noble Gases 

The Hydrogen Atom 



number of 



number of 



element 

electrons 

differences 

n 

orbitals, 

2X/J’ 

TABLE 9-2 

Helium 

2 

2 

1 

1 

2 

ictron Populations of Noble Gases 
and the Hydrogen Atom Orbitals 

Neon 

10 

10 - 2 = 8 

2 

4 

8 

Argon 

18 

oo 

ti 

o 

1 

00 

3 

9 

18 



Krypton 

36 

36 - 18 = 18 

4 

16 

32 


Xenon 

54 

54 -36 - 18 





Radon 

86 

86 - 54 - 32 





Notice the last column in each section of this table The same 
numbers, 2, 8, 1 8, and 32, appear in each column In the left-hand 
section, the numbers come from experimental measurement of atomic 
number In the right-hand section, the numbers are obtained by 
doubling the number of orbitals We can interpret the doubling to 
mean that each orbital can contain a maximum of two electrons We 
shall see how this assumption provides an explanation for the 
Periodic Table Here is a summary of our atomic model and the 
experimental evidence for each statement 


Statement 

1 Atoms contain a very small nucleus which has a 
positive electric charge Electrons surround this 
nucleus 

2 The number of protons in the nucleus equals the 
number of electrons around the nucleus This 
number is an integer it is called the atomic 
number. 

3. The number of protons plus the number of neutrons 
in the nucleus equal the mass number for the 
atom 

4. The electrons in an atom can occur only In certain 
energy levels The energy levels are described by a 
number n, called the principal quantum number 
This number is always an integer. Small values for n 
indicate low energy values 

5 There are orbitals for each energy level An 
orbital IS a region of space around the nucleus 
where the electron is most likely to be found. 

6. lach orbital can have a maximum of two electrons 
mit 


Basis for Statement 

1 Thomson's experiments, with gas discharge tubes 
Rutherford's experiments, with alpha particle scat- 
tering 

2 Atoms have zero electric charge 

Chadwick's extension of Rutherford's scattering 
experiments 

3 Chadwick's discovery of the neutron 


4 Interpretation of line spectra 

Solution of the equation derived from wave theory 
of electron 


5 Solution of mathematical equation, called the wave 
equation 

6 An assumption which leads to the numbers 2, 8, 1 8, 
^ and 32, in agreement with the number of elements 

in rows of the Periodic Table 
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9-5 The Meaning of Orbitals 

The orbital description for the electrons in an atom or molecule can 
be compared with the pattern of holes in a dartboard After a dart- 
board has been used for a long time there are many holes near the 
bull's-eye. As one looks away from the bull's-eye in any direction, 
there is a regular decrease in the number of holes per square centi- 
meter of the dartboard The number of holes per square centimeter, 
at any distance from the bull's-eye, is a measure of the probability 
that the next dart will land there The holes in the dartboard do not 
tell us anything about the order in which the holes were made or 
where the next dart will land The situation in the atom is similar 
The orbital descnbes the probability that an electron will be a par- 
ticular distance and direction from the nucleus The orbital does not 
describe how the electron moves from point to point 
One of the errors In Bohr's model for the atom was the assignment 
of an exact orbit for the electron. Such an orbit has meaning only if 
there is some way to measure the orbit Think for a moment on how 
we locate an airplane or how we measure the depth of the ocean 
Radar waves reflected from an airplane let us follow the airplane's 
path The length of time required for sound waves to be reflected 
from the ocean floor tells us how deep the ocean is. On the atomic 
scale any device we might use to measure the electron path brings 
so much energy into the system that the electron path is changed I 
We must be happy with a fuzzy picture of where the electron might 
be in an atom instead of the sharply defined orbits proposed by Bohr 
Orbitals are more easily understood as drawings than as mathe- 
matical equations These drawings show an orbital as the region 
around the nucleus in which the electron is most likely to be Let 
us discuss orbitals in more detail now 

9-6 The Orbitals for the Hydrogen Atom 

For the lowest energy level, the principal quantum number n equals 1 . 
There IS only one orbital forthis energy level since « 1 This orbital 
is called the Is (one s) orbital. It is drawn in Figures 9-5 and 9-6 
The words "sphencal symmetry" are used to describe the Is orbital 
These words mean that the probability of finding the electron at a 
particular distance from the nucleus is the same no matter which 
direction you choose in going from the nucleus The letter s may help 
you associate "sphere" with the shape of the Is orbital In ail our 
drawings of orbitals, the shaded regions indicate the volume where 
we would find the electron 90-95% of the time Remember there is 
always a small chance that the electron will be found farther from 
the nucleus than our drawings show 
The next energy level has the quantum number /i = 2 There are 
772 « 4 different orbitals For the hydrogen atom, these four orbitals 
have the same energy One of the four is called the 2s orbital (two s) 
It has spherical symmetry The 2s orbital, shown in Figure 9-7, is 
larger than the Is orbital The larger size seems reasonable because 
an electron in the 2s orbital has more energy than an electron in the 


2 



FIGURE 9-6 

The 1 5 orbital for the hydrogen atom. 
An electron would be found in shaded 
region about 95% of the time 



FIGURE 9-6 


A cutaway view of the sphencal Is orbital 
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1 



FIGURE 9-7 

The 2s orbital for the hydrogen atom 
The Is orbital is not shown here 



2pk orbital 


FIGURE 9-8 

The 2p orbitals for the hydrogen atom 


1 s orbital The electron with higher energy is more likely to be found 
at a greater distance from the nucleus For every value of n, there is 
one orbital with spherical symmetry These orbitals are referred to 
as s orbitals As n increases, these spherical orbitals are larger in 
size 

Now let us describe the other three orbitals for which /? - 2 They 
are called 2p (two p) orbitals These orbitals are not spherically 
symmetrical. For an electron map orbital, we are most likely to find 
the electron in two regions on opposite sides of the nucleus The 
three 2p orbitals are shown in Figure 9-8 These orbitals lie along 
the X, Yi snd z axes They are sometimes called 2p^, 2py, and 2p, 
orbitals to emphasize their directional character Perhaps you can 
associate the letter p with the word "perpendicular" to help remember 
the directional properties of p orbitals We shall see later that 
p orbitals are useful in explaining shapes of molecules Every energy 
level with n greater than 1 has three p orbitals As n increases, these 
p orbitals become larger in size This means that on the average the 
electron has more energy and is farther from the nucleus if it is in 
a 3p orbital than in a 2p orbital. 

When n * 3, there are = 9 orbitals In the hydrogen atom, the 
nine orbitals have the same energy There is one 3s orbital, three 



2p, orbital 


3p orbitals, and five Zd orbitals When n - 4, there are n = 16 
orbitals There is one 4s orbital, three 4p orbitals, five 4d orbitals, 
and seven Af orbitals In this course we will not discuss d and f 
orbitals in any detail Like the p orbitals, the d and 1 orbitals are not 

spherically symmetrical a o n 

The energy level diagram for hydrogen is drawn in Figure 9-9 un 
the right side of this diagram, the orbitals for each energy level are 
shown as circles, Q This representation reminds us that an 
orbital corresponds to the space in which electrons are most i ey 
to be found 
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FIGURE 9-9 

The energy level diagram for the hydrogen atom 


9-7 Orbitals for Atoms with More than One Electron 

The line spectrum for hydrogen is the clue to the energy level diagram 
for the hydrogen atom. Gaseous samples of every element exhibit 
line spectra. However, most spectra are much more complex than 
the hydrogen spectnim shown in the figure on page 126 When 
these spectra are deciphered, we find that these regularities apply 
to all elements. 




m 
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Electrons can occupy only certain energy levels 

The observed spectral tines correspond to the 
energy differences between these levels 


The energy level diagrams for elements with more than one elec- 
tron are quite similar to the diagram for hydrogen However, there 
are several important differences For a particular value of the 
pnncipal quantum number n, the n* orbitals in the hydrogen atom 
have the same energy This is not true for any atom which has more 
than one electron. In these atoms the if orbitals do not have the 
same energy. For example, the 2p orbitals have slightly higher 
energies than the 2s orbital Figure 9-10, a schematic energy level 
diagram for all elements except hydrogen, will help you to see what 
happens Compare this diagram with the one for hydrogen on 
page 149’ Since the energy scale is different for each element 
numerical values for energy have been omitted m this diagram The 
effect of having more than one electron m an atom is a "titting" of 
the orbital diagram Try following the levels for n « 3 or 4 in 
Figure 9-10 to see the upward tilt This tilt places the 3d orbitals at 
aboutthe same energy as the 4s and 4p orbitals. Another consequence 
IS shown by the numbers at the right side of this diagram Remember 
we can place two electrons in each orbital There is a large energy 
gap after we put two electrons in the 1 s orbital. Another energy gap 
occurs after placing eight more ejections in the 2s and 2p orbitals 
. The large energy gaps occur after the accommodation of 2, 8, 8, 18, 
18, 32 electrons. We saw those numbers in TaUe 9-2, page 146, 
when we talked about the noble gases. Now we can explain the 
Periodic Table in terms of orbitals. The electron configurations for 
the noble gases provide an important clue. 


9-8 Orbitals and the Periodic Table 

The energy levels for orbitals can help us understand the Penodic 
Table We are going to build up the electron arrangement for the 
elements making use of Figure 9-10 The procedure to be followed 
IS quite simple We start with the hydrogen atom It contains one 
proton in the nucleus and one electron in an orbital The electron 
IS accommodated m the lowest energy orbital, the Is orbital. 

The next element, helium, has two protons m the nucleus Then 
two electrons must be in orbitals to provide electrical neutrality for 
the atom Since an orbital can accommodate two electrons, both of 
the electrons for helium go into the Is orbital We say the electron 
arrangement in the helium atom is Is^ (one s two). This is a short- 
hand way to show that there are two electrons in the Is orbital 
The notation 1s^ represents the arrangement of electrons and Is called 
the electron configuration. 

Some examples will help you to understand what happens. We 
will use the s^bol Q any em^ orbital. An orbital 

with one electron is indicated by 0 or by 0 orbital 

IS half filled. A filled orbital is shown with the symbol 0 By this 


0 empty orbhal 


ii 


one electron 
half fills enorbitai 


two electrons fill an orbital 
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FieURE 9-11 

Schematic orbital diagrams for hydrogen, 
helium, and lithium atoms 
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we mean there are two electrons in the orbital Figure 9-1 1 shows 
the electron arrangements for the first three elements H, He, and Li. 
In the hydrogen atom, the single electron is in the lowest energy 
orbital, the 1 s In the helium atom, two electrons are in the 1 s orbital 

For the next element, lithium, there are three protons in the nucleus 
Two electrons occupy the 1 s orbital The third electron cannot enter 
this orbital because it is filled The third electron must be placed in 
a higher energy orbital The orbital of next higher energy is the 2s 
The lithium atom has the electron configuration 2s (one s two, 
two s one) The 2s electron m a lithium atom is weakly bound when 
compared to the Is electrons The 2s electron spends most of its 
time farther away from the nucleus than do the Is electrons It 
should be easy to remove the 2s electron to give the lithium ion, Li'*' 
In Section 7-3, page 111, we pointed out that the alkali .metals 
readily form plus one ions The energy diagram provides an explana- 
tion for this behavior 

Our schematic diagrams suggest that the electron in the 2s orbital 
of lithium IS much farther away from the nucleus than the electron 
in the Is orbital for hydrogen But this is not true To see why, let 
us look more closely at the electric forces in atoms 

As we construct electron configurations for atoms with high 
atomic numbers, we must assign electrons to orbitals that have large 
principal quantum numbers We have to remember that the positive 
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nuclear charge increases, too Each electron tn the atom experiences 
a much larger attractive force as the atomic number increases These 
two effects just about balance each other As the atomic number 
goes up, electrons must enter high energy orbitals At the same time 
all electrons are pulled closer to the nucleus The net result ts that 
all atoms are approximately the same size 
The beryllium atom has four protons in the nucleus and four 
electrons in orbitals Two electrons can occupy the Is orbital and 
two can enter the 2s orbital The electron configuration for a beryllium 
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atom IS 1 s^2/ (one s two, two s two) The 2s electrons will be most 
easily removed, forming the ion 

The fifth electron, which is required for the next element boron, 
enters the lowest available orbital, one of the 2p orbitals The 
electron configuration for boron can be written 1s^2s^2p (one s two, 
two s two, two p one) The pattern or regularity begins to develop 
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Let us skip a few elements and discuss fluorine, the element with 
atomic number nine Nine electrons must be placed in orbitals for 
the neutral atom of fluorine The electron configuration is 

shown m Figure 9-1 2 This notation is read one s two, two $ two, 
two p five It means that the fluorine atom, in the lowest energy 
state, has two U electrons, two 2s electrons, and five 2p electrons 
for a total of nine electrons 

The next element neon has ten electrons The last space m the 
2p orbitals is filled for the Ne atom. This configuration is also shown 
m Figure 9-12 Table 9-3 summarizes what we have been saying 


TABLE 9-3 


Electron Configurations for Atoms 
of the First Ten Elements 

Element Atomic Number Electron Configuration 


H 

1 

Is 

He 

2 

Is' 

Li 

3 

1,^ 2s 

Be 

i4 

Is’ 2^ 

B 

5 

Is* 2s’ 2p 

C 

6 

Is’ 2s’ 2p’ 

N 

7 

Is’ 2s’ 2p’ 

0 

8 

V 2s’ 2p* 

F 

9 

Is* 2s’ 

Ne 

10 

Is’ 2s’ 2p‘ 


When we consider the next element, sodium, we encounter a 
situation similar to the one found for lithium The eleventh electron 
for sodium must be in an orbital of higher energy, the 3s orbital The 
lower energy orbitals are fully occupied As we move to the elements 
chlorine and argon, we find that their electron configurations are 
very similar to those for fluorine and neon Figure 9-13 shows the 
orbital configurations for sodium, chlorine, and argon ** 

9-9 Electron Configuration and the Periodic Table 

You have probably recognized that there is an important regulanty 
in the electron arrangements of the elements This regularity is 
brought out in Figure 9-1 4 Each family of elements in the Penodic 
Table contains elements which have very similar electron ar- 
rangements 

In Chapter 7 we discussed three important families: the noble 
gases, the alkali metals, and the halogens We can now look at each 
of these families in more detail The noble gases He, Ne, and Ar 
have electron configurations that just fill the cluster of orbitals at a 
particular energy level When orbitals are filled in this way, a par- 
ticularly stable element is observed The alkali metals and the 
halogens are elements with high chemical reactivity. Perhaps we 
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FIGURE 9-14 

Regularity in electron 
errangements in the Penodic Table 
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can find an explanation for this difference of reactivity by looking at 
their electron configurations 

The alkali metals have electron configurations that place the 
electron with highest energy in an s orbital A relatively small amount 
of energy is needed to remove this electron An ion with charge 1 + 
forms This ion has the same electron configuration as one of the 
noble gases, We can illustrate what happens with the following 
equations The electron configuration is given below each species. 










Na 


Na 
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U^2i2p^ 



The chemical properties of the alkali metals result from the stable 
1 + ions which have the same electron configurations as a noble 
gas 

The halogens, fluonne and chionne, have configurations with 
one vacancy in the p orbitals These elements readily accept one 
more electron from other elements to fill this vacant position Ions 
with a 1 - charge form The ions take on the etectron configuration 
of a noble gas 

F F" 



The unusual stability of the electron configurations for the noble 
gases is an important point The wns Na"*" and F” have the same 
electron configuration as Ne We have hinted before that the noble 
gases provide an important clue to atomic structure Energy level 
diagrams show clearly how sodium and fluonne form ions with the 
same electron arrangement as neon The word isoelectronic means 
the same electron configuration Na'*', Ne, and F” are isoelectronic 
Finally, let us look at hydrogen once more It is placed m an 
isolated box in the Periodic Table The electron configuration for 
hydrogen resembles those for lithium and sodium. Writing them in 
a column helps you to see that each has a single s electron in the 
highest occupied orbital 

Hydrogen 

, Lithium 2s 

Sodium 1s^2s^2p* 3s 


On the other hand, the electron configuration for hydrogen also 
resembles those for fluonne and chlorine Each of these atoms is 
one electron short of a noble gas structure. 


H 


Is 


Is* 

He 

F 

Is* 


Is* 

2s*2p‘ 

Ne 

Cl 

ls*2s*2p‘ 


1s*2s*V 

3s^‘ 

Ar 

Hydrogen is unusual among all the chemical elements. 

In some 


respects it is like an alkali metal In other ways it 'is like a halogen. 
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9-10 Ionization Energy and the Periodic Table 

We have referred to ionization energy in Chapter 7 in discussing the 
three chemical families the noble gases, the alkali metals, and 
the halogens Ionization of a neutral atom can be represented by 
the equation 

M(g) -f- energy M'''(g) + e” 

Orbital diagrams will help us understand what happens The ion- 
ization of lithium IS shown in Figure 9-15 The ionization energy, 
1 24 kcal/mole, is just sufficient to raise the 2s electron to the energy 
level, /) = oD 
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FIGURE 9-15 

Ionization of lithium. 
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h/fany systematic determinations of loriization energies were 
carried out in the decade after Bohr proposed his atomic model The 
first measurements were made by bombarding an atomic vapor with 
high energy electrons In this method the energy of the electrons 
was known very precisely. When the kinetic energy of the bom- 
barding electron is increased slowly, a critical value is reached at 
which positive ions can be detected electrically These ions result 
from interactions between atoms and bombarding electrons that 
have been given just enough kinetic energy to cause the most weakly 



bound electron to be ejected from the atom. This cntical value is 
found to be charactenstic of the substance being investigated The 
ionization energies for the first twenty elements are listed m Table 9-4 

TABLE 9-4 

Ionization Energy for Some Elements 


Atomic 

Number 

Element 

Ionization Energy 
(kcal/mole) 

1 

H 

3136 

2 

He 

5667 

3 

Li 

1243 

4 

Be 

2149 

5 

B 

1912 

6 

C 

2595 

7 

N 

335 

8 

0 

313.8 

9 

F 

4015 

10 

Ne 

497 

11 

Na 

1184 

12 

Mg 

1752 

13 

A1 

1379 

14 

St 

1879 

15 

P 

2417 

16 

S 

2388 

17 

Cl 

300 

18 

Ar 

3632 

19 

K 

100 

20 

Ca 

141 


A number of regularities become apparent when these values are 
shown in graphical form, Figure 9-16. 

First, there is a gradual increase in ionization energy as we move 
across a row of the Periodic Table. The noble gas element has the 
highest ionization energy of the elements in a particular row Second, 
there is a sharp decrease m ionization energy as we proceed from a 
noble gas to the next element, an alkali metal. There is a striking 
similarity between the ionization energies and the penodicity of 
chemical properties This is not accidental. We shall see that many 
trends in chemical properties can be explained in terms of trends m 
ionization energies. 

It IS possible to remove more than one electron from a many- 
electron atom Of course, more energy is always required to remove 
the second electron than to remove the first, Tf» swjond eiectron 
has to leave an ion which already has a net po^tive ehGim charge 
The values of successive ionizatkin erwgies are important to 
chemists 
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600-1 


FIGURE 9-16 

Ionization energies for 
the first twenty elements 



Look at the ionization energy of the first three elements — helium, 
lithium, and beryllium The first, second, and third ionization energies 
are given in Table 9-5 These energies correspond to the reactions 

M(g) + IE, -> M+(g) + e" 

IVl+(g) + IE2-»-M'+(g) +e- 
M'+(g) + IE3-»-M’+(g)+e- 


TABLE 9-5 

Successive Ionization Energies in kcal/mole 


Element 

Electron Configuration 
of Element 

IE, 

lEj 

1 E 3 

He 

Is* 

567 

1254 


Lt 

Is* 2s 

124 

1744 

2823 

Be 

Is* 2s* 

215 

420 

3548 




We can understand the relative size of the ionization energies by 
comparing the energy level diagrams for these three elements. A 
very large amount of energy is necessary to ionize He We do not 
expect He'*' to form readily A much smaller amount of energy is 
needed to ionize Li or Be The ions Li'*’ and Be*^ form readily 
Let us see what the energy level diagram is like for removing the 
second electron from each of these ions This is shown in Figure 9-1 8 
The energy required to form He^'*’ or Li^’’" is very large We do not 
expect these ions to form readily However, for beryllium, only a 
moderate amount of energy is needed to remove the second electron 
The formation of Be*’*' is reasonable The explanation lies in the fact 
that formation of Be*’*' removes electrons from the 2s orbital. For 
Li*'*', the second electron comes from the Is orbital The Is orbital 
IS much further below a? * oo than the 2s orbital. 

The electrons that are easily removed from an element establish 
the chemical properties of that element. Chemists call these the 
valence electrons for the element The number of eiectror^ in 
s and p orbitals, beyond a noble gas structure, will be called valence 
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electrons * The number of valence electrons in He, Li, and Be are 
0, 1, and 2, respectively 



9-11 The Fourth Row of the Periodic Table 

We will finish this chapter by discussing the electron configurations 
for elements beyond argon look back at the schematic orbital 
diagram given m Figure 9-10 The 3p orbitals are filled at argon 
The next cluster of orbitals must be those with about the same energy 
as the 4s orbital We see that something new happens There are 
nine orbitals with about the same energy the 4s orbital, three 


We will want to modify this statement in Chapter 20 



4p orbttais, and five Sd orbitals This row in the Periodic Table i$ 
different from the second and third rows There are eighteen eiements 
in the fourth row instead of eight elements 
Potassium and calcium have electron configurations which place 
them m the families headed by lithium and berylhum 

K 1s* 2s*2p‘ 3s V 4s 

Ca Is* 2s*2p^ 3s*3p* 4s* 

When we consider the next element scandium, the 21st electron 
will be placed in the available orbital of lowest energy The 2(f 
orbitals happen to be slightly lower in energy than the 4p orbitals 
Consequently the electron configurations for the next ten elements, 
scandium through zinc, show electrons in 3d orbitals These ele- 
ments are called transition elements. We will discuss some of 
their chemical properties in Chapter 20 
After the 3d orbitals are filled, the next orbitals to fill are the 
4p orbitals Let us write the configuration for gallium in a way to 
stress Its direct relation with boron and aluminum We have moved 
the 3d'° configuration ahead of 4s* and 4p for convenience 

Ga Is’ 2s’2p‘ Ss’Sp* 3rf'''4i’4p 


EXERCISE S-3 

Write the electron configurations of aluminum and boron In what 
way are they related to that for gallium ? 


The remaining elements in this row add 4p electrons until the noble 
gas krypton is reached 

Kr U* 2s*2p^ 3s*3p^ 3d’°4s*4p^ 

Instead of eight elements forming the fourth row, there are eighteen 
because the 3d orbitals have energies about the same as the 4s and 
4p orbitals 

The same pattern of eighteen elements is found for the fifth row 
of the Periodic Table The 4d orbitals have energy close to the 5s 
and 5p orbitals The ten transition elements, yttrium through cadmium, 
appear immediately under scandium through zinc As usual, another 
noble gas, xenon, appears when the 5p orbitals are filled. 

The sixth row of the Periodic Table presents something new once 
more. Here, four kinds of orbitals are involved that have about the 
same energy 6s, 5d, 4f, and 6p After two electrons are put in the 
6s orbital and one is put m the 5d orbital, the next fourteen elec- 
trons go into the seven 4/ orbitals This series of fourteen elements 
IS called the rare earth elements. Their chemical properties are so 
similar that for many years it was very difficult to separate these 
elements from each other In the last twenty years, methods have 
been developed to achieve separation of the rare earth elements 



We will not pursue this discussion further The number of elements 
in each row of the Periodic Table can be associated with the cluster- 
ing of orbitals at approximately the same energy level. Table 9-6 
summanzesthis information 

TABLE 9-6 

The Number of Elements in Each Row 
of the Penodic Table 


Row 

Number of 
Elements 

Orbitals Being Filled 
for Each Row 

1 

2 

Is 

2 

8 

2s 2p 

3 

8 

3s 3p 

4 

18 

4s 3d 4p 

5 

18 

5s Ad 5p 

6 

32 

6s 4/ 5d 6p 

7 

(32) 

Is 5/ (6(/ 7p) 


9-12 Review 

Niels Bohr proposed an atomic model which can be compared with 
our solar system The nucleus of the atom corresponds to the sun 
Electrons moving in specific orbits around the nucleus are like the 
planets This model was the first to offer an explanation for the line 
spectrum of hydrogen The Bohr model was based on the idea that 
the atom can only exist in certain energy states Changes from one 
state to another must be accompanied by absorption or emission of 
energy One can think of these transitions in terms of an energy 
staircase 

Important as this model was, it has been replaced by the quantum 
mechanical model for the atom Bohr's planetary orbits for the elec- 
tron have been replaced by orbitals Orbitals are regions of space 
in which electrons are most iike/y to be found Orbitals have size 
and shape, and each orbital can accommodate up to two electrons 
Transition from one orbital to another is accompanied by a specific 
energy change 

The orbital model for the atom offers an explanation for the 
arrangement of the chemical elements in the Periodic Table There 
IS a natural grouping of elements into chemical families on the basis 
of similar electron configurations 

The number of elements in a row of the Periodic Table is explained 
in terms of groupings of orbitals with approximately the same energy 
The elements called the noble gases occur just as these groups of 
orbitals are fully occupied The next set of orbitals is considerably 
higher in energy The great chemical stability of the noble gases can 
be correlated with their electron configuration 

The elements with one electron less than a noble gas are called 
the halogens. The elements with one electron more than a noble 
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gas are called the alkali metals. These families have very high 
chemical activity They exhibit a great teridency to form ions that 
have the same electron configuration as a noble gas 
The chemical properties for each family of elements can be related 
to the electron configuration charactenstic of that family The elec- 
trons in the highest energy orbitals for any particular element are 
always the easiest electrons to remove Chemists call these the 
valence electrons of the element. The valence electrons establish 
the chemical properties of each element 


Questions and Problems for Chapter 9 


1 

Use the energy level diagram in Figure 9-4 to calculate 
the energy required to raise the electron m a hydrogen 
atom from level r? « 1 to each of the higher energy 
levels Compare these energies with the spectral lines 
shown in the figure on p 1 26 

2 

Repeat Problem 9-1, using level n * 2 for the starting 
level. 

3 

Determine the value of for /? « 1, 2, 3, 4, for a 
hydrogen atom using the relation £, » -313 6//jl 

4 

The first ionization energy for lithium is 124 kcal/mole. 
Determine the frequency for one possible line in the 
lithium emission spectrum In what part of the spectrum 
would the line appear 7 f =* hj/, /; = 9 52 x 10“^^ 
kcal sec/mole Refer to the upper figure on p 125 

6 

According to the quantum mechanical descnption of 
the Is orbital of the hydrogen atom, what relation 
exists between the surface of a sphere centered about 
the nucleus and the location of an electron? 

6 

What must be done to a 2s electron to make it a 3s 
electron ? What happens when a 3s electron becomes 
a 2s electron? 


7 

The quantum mechanical descnption of the Is orbital 
1 $ Similar in some respects to a ctescnption of the holes 
in a much used dartboard For example, the "densrty" 
of dart holes is constant anywhere on a circle cafrterad 
about the bull’s-eye, and the "density" of dartholes 
reaches zero only at a very long distance from 
buli's-eyi What are the corresponding properties of a 
Is orbital? 

In the light of your answer, point out erroneous features 
of the following models of a hydrogen atom (both of 
which were used before quantum mechanics demon- 
strated their inadequacies). 

(a) A ball of uniform density. 

(b) A "solar system" atom with the electron circling 
the nucleus at a fixed distance. 

a 

Make a table listing the pnncipal quantum numbers 
(through three), the types of orbitals, and the number 
of orbitals of each type 

9 

Name the elements that correspond to each of the 
following electron configurations* 

1s^ 

Is^ 2s* 

Is^ 2s'2p* 

1s^ 2s*2p® 

^s‘ 24*2p‘ 4i' 
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10 

Consider these two electron populations for neutral 
atoms’ 

A. Is' 2sV- 3s\ 

B Is' 2sV 6 s’ 

Which of the following is FALSE ? 

(a) Energy is required to change A to B 

(b) A represents a sodium atom 

(c) A and B represent different elements 

(d) Less energy is required to move one electron from 
B than from A. 


11 

Name the atoms whose orbital occupancy corresponds 


to those lister 

j below Assume all lower energy orbitals 

to be full and the atom to be in 

Its lowest energy state 

(a) 

(d) 3/ 

(g) , 

(b) ip* 

(e) 4p' 

(h) 6s' 

(c) 3s' 

(f) 2p' 

(I) 5/»’ 


12 

Write the orbital occupancy for the elements indicated 
Refer to the orbital diagram, Figure 9-9 

(a) element with atomic number 9 

(b) element with atomic number 13 

(c) element with atomic number 20 

(d) element with atomic number 7 


13 

The electron configuration for lithium is 15^25’ and for 
beryllium it is 1s'2s' Without referring back to 
Figures 9-16 and 9-17, estimate the approximate ion- 
ization energies to remove first one, then a second, 
electron Explain your estimates. 


14 

Which of the following electron configurations would 
you expect to have the lowest second ionization 
energy ? Give reasons for your choice 

(a) l5'2sV 

(b) U'2sV3s’ 

(c) 1 s' 2 s' 2 pV 

15 

The first four ionization energies of boron atoms are as 
follows 

« 191 kcal/mole 
£2 = 578 
£3 - 872 
£ 4 « 5962 

Explain the magnitudes m terms of the electron con- 
figuration of boron and deduce the number of valence 
electrons of boron 

16 

How many valence electrons has carbon? Silicon? 
Phosphorus? Hydrogen? Write the electron config- 
uration for a neutral atom of each element 

17 

How many valence electrons has radium? Barium? 
Bromine? Bismuth? (Count only ^ and p electrons ) 
Write the valence electron configuration for a neutral 
atom of each element 

18 

Write the orbital description for the valence electrons 
of each element in 

(a) column 1 of the Periodic Table 

(b) column 2 

(c) column 6 

(d) column 7 



Chemical Bonding 


In the last chapter we saw how the orbital model leads to the 
electron configurations of the atoms In this chapter we want to see 
how the orbital model can be applied to molecules Chemists are 
concerned primanly with molecules, not atoms 
Some atomic arrangements stay together long enough for us to 
measure the chemical and physical properties of the entire cluster 
We use the word molecule to refer to the atomic cluster For some 
molecules we have to act fast if we hope to measure their properties 
Molecules such as OH and CH3 have very high chemical activity 
They react in a fraction of a second. Many molecules are like H^O 
and CH4, Their chemicat activity is relatively low at room temperature. 
We do not have to hurry to measure their properties 
Chemists recognize that electnc forces hold atoms together in 
molecules. When alt the electnc forces (some attractive and some 
repulsive) between two atoms are summed up, a molecule forms if 
the electric attractions are stronger than the etectnc repulsions. 
Chemists then say that a chemical boixl forms between two atoms. 
An understanding of the nature of a chemical bond is one of the 
chemist's major goals After all, think what happens in a chemicat 
reaction The number of atoms does not change, but the arrangement 
of bonds between atoms does change. Some chemical bonds 
disappear. New chemical bonds form. Our ideas of chemical bond- 
ing should provide answers to questions like these 

Why are only certain chemical formulas found? Why is 
hydrogen H2, instead of H3? 

Why do some molecules such as OH show veiy high 
chemicat activity while molecules such as H^O do not? 

Why do molecules have different shapes? BF3 is a flat or 
planar molecule. NFj has the shape of a pyramid 

Why do chemical bonds form at all ? 

This last question 1$ perhaps the most important yet in c&tan ways 
It IS the easiest question to answer A chemical bond forms between 
two atoms because electrons are attracted simuitaneogsly to both 
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atomic nuclei We can represent what we are saying with orbital 
drawings If a chemical bond forms between atoms A and B, then 
the probability of finding electrons in the region between the two 
nuclei IS very high 

A 



If a chemical bond does not form between atoms X and V, then the 
probability of finding electrons in the region between the two nuclei 
IS very low 

X + K XK 



FIGURE 10-2 



Electron distribution 

in unstable molecule XY 

Atom X “F 

Atom Y 



Unstable 
molecule XY 


Our discussion of chemical bonding will be in two parts First we 
will discuss ionic bonding and then, covalent bonding The language 
used by chemists makes it appear that these bonds are entirely 
different Before we finish this chapter, we will see that all chemical 
bonds originate in the same way 


10-1 Ionic Bonding 

We talked about the reaction of metallic sodium with chiprine gas in 
Section 7-3, page 114 The product, sodium chloride, is a white 
crystalline solid. The crystal is built up of positive ions, Na'*', 
alternating with negative ions, Cr 

2Na(s) + Cl2(g)-^2Na+Cr(s) 

Solids such as sodium chloride are called ionic solids. We use the 
words ionic bonds to describe the bonding in ionic solids Table 
10-1 lists some of the general properties for substances with ionic 
bonding 


TABLE 10-1 

Some Properties of ionic Sotids 
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Observed Property 

interpretation 

High melting temperatures 

Strong forces hold particlm 
together in the solid 

When molten, good conductors 
of electncity. 

' Ions are present in molttn state 

if soluble in water, solutions are 
good conductors of elec- 
tricity 

Ions are present m aqueous 
solutions 


Our model for ionic bonding » a very simpfe one When sodium 
reacts with chlonne, ions with opposite electric charge form during 
the chemical reaction The stability of an ionic solid arises pnmanty 
because of electrostatic interactions between the ions. Ions with 
opposite electnc charge attract each other, and energy is needed to 
separate them. 

@Q plusanergy — ► @ plus Q 

The potential energy of the system IS smallef when the ions are close 
together What happens if a third Km enters this system ? 

00 plus 0 ->■ 000 plusenergy 

We can convince ourselves that the arrangement on the right of 
the arrow has less potential energy than the one on the left by con- 
sidering the forces m this set of three ions. There are now two 
attractive forces, one between each positive ion and the negative ion. 
In addition, there is one repulsive force between the two positive 
ions. However, the positive ions are farther apart than either positive- 
tiegative pair. The repulsive force is not as large as ti^ second at- 
tractive force in this three ion arrangement 

0Q0 has less potential energy 
than 00 or 00 plus 0 

We can continue to let our "'crystal" grow in one dimension. 
Attractive and repulsive forces come into play as each ion is added. 
But the new attractive forces are always greater than the new re- 
pulsive forces. The ionic crystal grows The potential energy con- 
tinues to decrease In one dimension the crystal looks like tiiis. 
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In two dimensions the crystal can be drawn like this 



The larger the crystal, the lower the potential energy of the 
system It is easy to understand why ionic crystals grow large 
enough to be seen 

Let us return to the orbital model for the atom, Does an under- 
standing of orbitals help us to understand ionic bonding ? Can we 
predict the electric charge on ions ^ A look at the example Na'*’Cr 
will show how the orbital model guides us The important clue is 
the great chemical stability of the noble gases 
Table 10-2 shows the electron configurations for the elements 
sodium and chlorine When these elements react, each sodium atom 
gives up an electron , each chlorine atom gams an electron The 
ions that form have the same electron configurations as the noble 
gases neon and argon 


TABLE 10-2 

The Electron Configurations in the 
Sodium-Chlorine Reaction 


Reaction 

Noble Gas 

Isoelectromc with Ion 

Na — Na"^ -(- e“ 

Ne 

1s®2s^2p‘3s 1s’2s*2p‘ 

1s*2s=2p‘ 

Cl + e- — »■ cr 

Ar 

1s^2s’2p‘3/3p= U^2i=2p‘35V 

l4’2s^2p‘3iV 


An important generalization is suggested by this example 

Ionic bonding occurs when elements gam and lose 
electrons to form ions 

The electron configuration for each ion is the same as 
that for a noble gas, 

We can test this generalization by looking at some other substances 
We know that each of the alkali metals forms an ionic solid with each 
halogen The formula for each of these solids can be represented 
as M'^X" Look at Tables 10-3 and 10-4 Electron configurations 
fcrvarious ions are compared with the noble gas electron arrange- 
ments All of the alkali halides are m agreement with our general- 
ization. 
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TABLE 10-3 

Electron Configurations for Some of the 
Alkali Elements and Their Ions 


Element 

Noble Gas 
tsoelectronic 

Ion with ton 

- 

U 1s’2s 

Na ^^2s‘2ffi3s 

K 1s’2s*2/>*3sV4s 

1s> He 1s> 

Na+ 15^24*2^* Ne 1s»2s*2p‘ 

K* 1s’2s*2p‘3s’3|i)‘ Ar 1s’2s’2p*3s'3ip‘ 

TABLE 10-4 

Electron Configurations for Some of the 

Halogens and Their Ions 

Element 

1 Noble Gas 

< Isoelectronic 

Ion 1 With Ion 

F 14*25*2^* 

Cl 1s’2s*2p‘3s’3/»* 

F- 1s’2s*2p‘ ' Na 1s’2i'2p‘ 

C|- 1s’2s*2a^3p‘ I Ar 1/2s’2pV3p* 


What do we find when we consider other families of elements? 
Let us look at the elements in the second and sixth columns of the 
Fenodic Table. The alkaline earth metals. Be through Ra, form ions 
with a 2+ charge. The elements 0 through Te form negative ions 
with a 2~ charge. These elements form compounds with the 
general formula MX Table 10-5 compares electron configurations 
for some of the elements m these families 


TABLE 10-5 

Electron Configurations for Some Elements of the 
Alkaline Earth and Oxygen Families, and Their Ions 


Element 

Ion 

Noble Gas 
Isoelectronic 
with Ion 

Be 

1s=2s’ 

Be’+ 

Is’ 

He 

Is* 

Mg 

1s*2s*2p‘3s^ 

Mg*+ 

1s’2s’2p‘ 

Ne 


0 

1s=2s*2p* 

O’- 

1s’2i’V 

Ne 

1s’2s’2p‘ 

S 

1s’2s*2p‘3s=3p^ 

s^- l5*2s^2p^3p‘ 1 

Ar 

1s’2f’2p^V 


We see an immediate explanation for the formula MX. Electncal 
neutrality is achieved when one ion with charge 2-f and one with 
charge 2- combine. Several examples illustrate the loruc nature 
of these compounds. Electncal neutrality can be readily seen. 

Be’+O’- Mg*+0’~ 

Each ion has the electron configuration of a noble gas elainent. 



What type of formula is expected when beryllium reacts with 
chlorine or sodium with oxygen ? We already know the ions each 
element forms The only additional requirement in writing an em- 
pirical formula is to achieve electrical neutrality Write the formulas 
in expanded form first 

Be2+ + cr + Cr — ► BeClj 
Na+ + Na-^ + 0^“ NajO 

The second generalization under Table 10-2 is helpful The electron 
configuration of an element guides us to the type of ion it forms 
The requirement of electrical neutrality then guides us in writing the 
empirical formula of an ionic compound 


EXERCISE 10-1 

Wnte out the electron configuration for Al If aluminum forms an 
ion, what would you expect its electric charge to be ? What formula 
would you expect if aluminum and oxygen form an ionic compound ? 


10-2 Covalent Bonding 

In the introduction to this chapter, page 1 68, we mentioned that 
chemists found it convenient to speak of two kinds of chemical 
bonds, tonic and covalent The orbital model for the atom seems 
to provide an explanation for the formation of ionic bonds Ionic 
bonds arise when there is electron exchange between two elements 
Covalent bonds are the result of two atoms sharing electrons 
Does the orbital model pro^e helpful in understanding covalent 
bonding? 

The answer lies in the electric forces between electrons and 
protons in atoms Is the potential energy of the system lowered 
when a covalent bond forms? The first example is the simplest 
molecule, Hj 

The orbital model tells us that, for a hydrogen atom in its lowest 
energy state, the electron is in the 1s orbital In Figure 10-3, a set 
of drawings shows the energy changes as two hydrogen atoms, A 
and B, approach each other The shading in these drawings shows 
the electron density averaged over a period of time At any instant we 
can imagine the electron at some particular point m the atoms or in 
the molecule The protons in these atoms will also be represented 
with the letters A and B. The energy of hydrogen atom A can be 
expressed in terms of the average attraction between electron / and 
proton A The electrical attraction depends on the average distance 
between the electron and proton, Similarly for hydrogen atom B, 
there is an attractive force between electron 2 and proton B We 
arbitrarily assign the value of zero for the potential energy of the 
system when the two atoms are far apart 
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As the two atoms approach each other, electrons 1 and 2 begin 
to interact with both protons A and B The potential energy of the 
system decreases Our diagrams show that the orbitals begin to 
overlap or merge The probability of finding the electrons between 
the two protons increases and a chemical bond forms However, the 
orbitals cannot merge completely The repulsive force between the 
protons A and B becomes more important than the attractive forces 
between electrons and protons as the distance between A and B 
becomes small 

Figure 10-3 summanzes what happens when two hydrogen atoms 
approach each other The system has the lowest potential energy 
when the two atoms are not too close or not too far apart The 
minimum in the potential energy graph occurs at a distance which 
IS the bond distance or bond length in the hydrogen molecule. 
There is a balance between the electric forces in the molecule 
Electron 1 is now attracted by both protons A and B Electron 2 
IS also attracted by both protons A and B There are repulsive forces 
between the two electrons and between the two protons For a 
chemical bond to form between two atoms, the attractive forces 
must be greater than the repulsive forces 

We can simplify our discussion of the chemical bond in the 
hydrogen molecule using diagrams We will let a circle represent the 
orbital An orbital can be empty, it can have one electron, or it can 
accommodate two electrons These possibilities are shown here 



orbital empty 


orbital with 
one electron 


orbital with 
two electrons 


The drawing below shows what happens when two hydrogen 
atoms approach each other The circles overlap The darker cross- 
hatched area indicates that the two electrons can be near the two 
protons much of the time In this overlap region, the electrons are 


stable molecule 
bond forms 




AB 


strongly attracted by both protons. Simultaneously, each H atom 
appears to have acquired two electrons in the ^s orbital 




What IS the situation for two He atoim ? We know from expen- 
ments that H62 is not a stable niK)lecule Does our orbital model 
agree with experiment? Helium has two electrons m the Is orbital 
As two helium atoms come together, no orbital overlap can take 
place The two electrons already in the I5 orbital prevent any more 
electrons entering that space 






1 + ® - 






X + K no bond formation 


unstable molecule 
no bond formation 


Apparently the electrons in one Ha atom X do not get close enough 
to the nucleus of He atom / to be appreaably attracted toward it 
The U orbitals are already filled up in the helium atorms No overlap 
of filled orbitals takes place 

Let's generalize from these two examples As long as the gen* 
eralization agrees with experiments, it will be useful 

Covalent chemical bonds form if valence electrons are 
shared by two atoms, using partially filled orbitals. 

Covalent bonds will be rei^osented in three ways 

(a) orbital diagrams. 

(b) a line joining two atoirffi. 

(c) dots placed between the atoms. 

Here are the examples of hydrogen and hetium again 
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or H- + ^H-^H-H 

An electron dot diagram 
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(No bond forms) 

He 
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or He: + He: ■«— Ha: He: 
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Do these representations apply to the bond between hydrogen 
and fluorine? Only valence electrons are shown m the electron dot 
representation 


H 

Bond forms 1 _ ^ 

F (8) (8) 

1s 2s 

or H. + F H'F* 



The orbital model agrees with the known formula HF for hydrogen 
fluoride 

It IS also easy to show the formation of a fluorine molecule, Fj, 
with these diagrams, 


F 

Bond forms | 
F 


Is 2s 


(8) <Si 

( 8 ) 0 

Is 2s 



or F* ^ F: -F.F. 


Overlap of the half -filled 2p orbitals occurs when two fluorine atoms 
approach each other A covalent bond forms 
You may be wondering why the valence electrons for each atom 
of fluorine in Fj are indicated by four pairs of dots Perhaps eight 
dots equally spaced would be as good Chemists are suggesting in 
an electron dot diagram something that is clearly shown in the 
orbital diagram Only two electrons can be placed in an orbital 
Therefore the four pairs of dots carry the suggestion that the valence 
electrons are grouped m four orbitals, the 2s and the three 2p orbitals 
These ideas apply to a large number of molecules In Section 9-9, 
electron designations for the elements were derived At that time 
we were dealing with the atoms of these elements in the gas phase 
Atoms in molecules do not always have the same electron configura- 
tions as they do when isolated The experimentally determined 
formulas guide us in writing electron configurations for atoms 
when they are m molecules Table 1 0-6 contains formulas for the 
hydrides and fluorides of the first ten elements These formulas have 
been determined experimentally by methods similar to the one you 
used in Experiment 16 We know hydrogen and fluorine usually 
form one bond per atom Therefore the number of bonds between H 
(or F) and another atom suggests the number of unpaired electrons 
m that other atom And the number of unpaired electrons suggests 
an electron configuration for the atom when it js part of a molecule 
We can profit from a closer look at some of these elements If a 
hydrogen atom approached an oxygen atom, the formation of a 
chemical bond can be represented as follows 
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2s Ip 

I 

u 

The electronic structure for OH is similar to that for the fluorine 
atom Each has the electronic structure like the fluonne 

atom, OH is a very reactive species because it has residual bonding 
capacity There is still an unpaired electron Chemists have been 
able to detect this molecule in high temperature flames Recently 
astronomers have interpreted radiowaves coming from the center of 
our galaxy to mean that OH molecules may exist in space, between 
the stars in our galaxy. 

There are several ways in which the bonding capacity of the 
oxygen atom in OH can be satisfied. If another hydmgen atom 
approached the oxygen atom, the molecule HjO forms 


Bond forms 
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:6-H 
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TABIE 10-6 

Derived Electron Configurations for the First Ten Elements 


Compound with Hydrogen Compound with Fluonne Derived Number Derived Etectron 
Number of Number of of Unpaired Electrons Configuration 

Element Formula Bonds Formula Bonds per atom of Q Is 2 s 2 p 


H 

H2 

1 

HF 

1 

1 

Ha 


0 

— 

0 

0 

Li* 

bH 

1 

UF 


1 

Be* 

BeH^ 

2 

BeF, 


2 

B 

{BH 3 )** 

3 

BF, 

3 

3 

C 

CH4 

4 

CF. 

4 

4 

N 

NH3 

3 

NF, 

3 

3 

0 

HjO 

2 

OFj 

2 

2 

F 

HF 

1 

Fj 

t 

1 

Ne 

— 

0 


0 

0 



* The lithium and beryUtum compounds have tome structures at room temperature 

** The molecule BHa exists only as a short-lived intermediate in some cheneeal rsactxMts. The boron hydnde, B 2 H^ has the ioweiC 
molar mass of the stable compounds of boron and hydrogen For many yearn chemisis could not account for the hoo^ m many bomn 
compounds. Dunng the last fifteen years explanations have been found to account for these unusual compounds. 
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Another possibility is the formation of hydrogen peroxide when 
two OH molecules approach each other Compare this diagram with 
the one for formation of Fj, page 1 76 
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The formula for H2O2 is somewhat easier to see if the chemical 
bonds are drawn as lines, not dots Each line represents a pair of 
bonding electrons The valence electrons not involved in bonding 
are omitted 


/ 


0-0 


The atoms in HjO and H2O2 are deliberately not drawn in a straight 
line instead a zig-zag arrangement is used We are trying to sug- 
gest the shape or geometry for the molecule when writing the 
formula m this fashion Look at the orbital diagram for water again 
The valence electrons for oxygen can be written 


2^ 2 p\ 2 p, 2 p, 

0 0 0 0 


Bond formation with hydrogen atoms can occur if the orbitals on the 
hydrogen atoms overlap with the 2py and 2p, orbitals of oxygen 
We saw m Figure 9-8 that the Ip orbitals do not have spherical 
symmetry The electron density is highest along the x or y or z-axes 
We expect that the two bonds in H2O would be perpendicular to 
each other, one along the y-axis and the other along the z-axis, 
Although the topic of molecular geometry will not be discussed until 
Chapter 16 , structural formulas are drawn to suggest molecular 
shapes 

Now look at the carbon atom Many experiments suggest that 
the orbrtal diagram for carbon must contain four unpaired electrons 
to agree with the formulas CH4 and CF4 
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Is 2s 2p 

c (Si 0 000 

Suppose four hydrogen atoms approach a carbon atom We would 
expect four bonds to form as the orbitals of the hydrogen atoms 
overlap with the four orbitals on the carbon atom Methane, the 
molecule that forms, can be represented in several ways 

H H 

H :C: H or H-C-H 
H H 


EXERCISE 10-2 

Draw electron dot formulas for the molecules CHj, CFj, CHFj, CHaF,, 
and CH3F Which of these would you expect to be extremely 
reactive? 


There are a number of simple molecules which are quite similar 
m many respects Let's write out their electron dot formulas 


H 


H:C H 

H 

H:N:H 

H 

H:0: 

H 

H:F: 

Ne* 

Methane 

Ammonia 

Water 

Hydrogen 

fiuonde 

Neon 


This set of molecules is isoelectronic with the noble gas neon. 
We saw something similar when discussing ionic compounds m 
Section 10-1 Atoms react to form compounds in which the elec- 
tronic structures for each atom are the same as one of the rmble 
gases. In methane, ammonia, water, and hydrogen fluoride, each 
H atom has a pair of electrons m the Is orbital (the He sbucture) 
The four atoms C, N, 0, and F each has eight electrons in the 2s 
and 2p orbitals (the Ne structure) 

On page 170, we proposed a generalization that helped us to 
understand ionic bonding. Let us propose another generalization for 
covalent bonding 

Covalent bonding occurs when atoms can share electrons. 

Each atom in the compound acquires an electron con- 
figuration like that for one of the noble gases 


EXERCISE 10-3 

Draw the electron dot formulas for the ions NH/ and HjO'*’. First 
draw the electron dot formulas for NH3 and H2O, Then add to 
each formula. H'*' has no electrons. 
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EXERCISE ID -4 

Draw the electron dot formula for ammonium chloride, NH^CL 


10-3 Families of Covalent Compounds 

In the last section, we pointed out that the molecule OH was similar 
in electron structure to the fluorine atom, F The chemical reactivity 
for these two species is very high This comparison can be extended 
to include the very reactive molecules CH3 and NHj 


H H 

:f. d*H :n H h: c:h 


When a hydrogen atom approaches each of these, the molecules 
HF, H2O, NH3, and CH4 form These molecules have the same 
electron structure as neon Also the two molecules, and H2O2, 
are known to form readily Table 10-7 lists the molecules that arise 
when all possible pairs of the reactive molecules combine 

TABLE 10-7 

Compounds, Isoelectronic with F2, 

Formed from Reactive Molecules 






H :d* 




:F‘ 


F- 






EXERCISE 10-S 
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Convince yourself that the electron dot fomiulai for CH3OH (methyl 
alcohol) and NH2— NHj (hydrazine) are the same as the electron dot 
fonnula for Fj (fluorine) 


The results in Table 10-7 are important First our generalization 
on covalent bonding has guided us to die correct elechon structure 
of ten more molecules Second, we can predict some of the chemicat 
and physical properties of these substances look at CH3OH, 
and C2H4 It seems reasonable to expect hydrogen peroxide, H^Oa, 
to have some properties rather similar to water And ethane, 
should have properties like methane, CH4, but not at all like water. 
The substance, methyl alcohol, CH3OH, should have properties like 
water m some respects and like methane in others. After all, half of 
the molecule CHjOH resembles methane, and the other 

half resembles water, H—OH. 

10-4 Hydrocarbons 

In the last sectbn, we discussed how '"double" molecules arise Of 
all the elements, carbon shows the greatest tendency to form mole- 
cutes with several atoms of the same kind joined in a chain Let u$ 
start with methane to illustrate what we mean. Although our examples 
do not correspond with the usual methods of synthesizing these 
compounds, the structure of each molecule is correct 

1 + 

. CH3 -F • CHj CHj-CHj ethane 

2. CH3--CHJ CHj-CHj • + • H 

OHf-CHi • + • CH3 — ► CH3-CH2--CH3 propane 


3 CHa-CHz-CHs-^CHa-CHa-CHj +-H 

CHa-CHa-OHi ' + • CH3 CHj-CHj-CHa-CHj normal 
^ butane 

There is another way for propane to "growV 
4 . CHa-CHj-CHa -> CH3-CH-CH3 + ‘ H 

CH3 

CH3--CH-CH3 + • CHj — ► CHa-CH-CHj /sa-butane 

The two butanes are given different names —normal or n-butane 
and ISO or /-butane They have the same molecular formula (C4HU)} 
but different structural formulas. Normal butane has four carbon 
atoms linked in a linear fashion ; isobutane has four carbon atoms 
linked in a branched fashion Substances that have the same mol- 
ecular formula but different structural formulas are called isomers. 



The molecules named above are examples of carbon- hydrogen 
compounds called saturated hydrocarbons or alkanes They 
are the principal components of natural gas and are an important 
energy source An extensive network of pipelines in the U nited States 
brings natural gas to many cities Many of our homes are heated 
with natural gas Some of the properties of these substances are 
given in Table 10-8 

TABLE 10-8 

Properties of Some Hydrocarbons 


Name 

Molecular 

Formula 

Molar 

Mass, 

grams 

Melting 

Temperature, 

“C 

Boiling 

Temperature, 

X 

Methane 

CH, 

16 

-182 5 

-161 5 

Ethane 

CjH, 

30 

-1833 

-886 

Propane 

CjHe 

44 

-1877 

-441 

p-butane 

n-C^Hio 

58 

-1384 

-05 

/so-butane 


58 

-159 6 

-117 


There is a way to express the molecular formula for any hydrocarbon 
in this family Perhaps you have noticed in our four examples that 
each new member adds the unit — CH 2 — to the preceding member. 
The general formula can be written 

Any hydrocarbon fitting this general formula is a member of this 
family, the saturated hydrocarbons 


EXERCISE 10-6 

The next compound in the saturated hydrocarbon family would have 
five carbon atoms The name pentane is used for this compound 
Show how pentane can "grow" from each of the butane isomers 
How many isomers of pentane would you expect? Draw them 


10-5 Molecules with Double Bonds 

In sections 1 0-3 and 1 0-4 we haN/e discussed a number of molecules 
which have single bonds This statement means one orbital of 
atom A overlaps with one orbital of atom B We have represented 
that situation with electron dot structures or with line structures 
For example, the bonding in hydrogen fluoride can be described in 
several ways Here are two 


H.F: or H-F 

There are many molecules that are best described in terms of 
double bonds. The orbital model provides an explanation for these 
molecules. The hydrocarbon ethylene is used to illustrate double 



bonds Ethylene. C2H4, has two fewer hydrogen atoms than ethane. 
C2Hi Suppose wo try to wnte an electron dot formula for ethytene, 
using only single bonds The result is 

H H H H 

H : C : C : H or H-C-C-H 

These formulas show two unpaired electrons From eariier examples. 
OH and CH3. this unused bonding capacity would suggest very high 
reactivity for ethylene. But ethylene does not have the activity of a 
compound with unpaired electrons. There is a way to use up the 
bonding capacity in ethylene within the motecuie Tiw two electrons 
can be paired 


H .. . W H H 

;c::c; or )c=c( 

H * H H H 


The carbon atoms are said to be joined by a double bond. Eight 
valence electrons are placed around each carbon atom (the neon 
structure) and two electrons are placed near each hydrogen atom 
(the helium structure). The only new idea that appears in the 
ethylene structure is the placement of four electrons between the 
two carbon atoms. 
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Double bonds app^r in molecules when two orbitals of atom A 
overlap with two orbitals of atom B. These molecutes are isoelec- 


tronic with ethylene 

H H H H 

\ \ / \ 

0=0 C=N N=N^ 

/ H H 

formaldehyde ethylene imine di-imme 


Oxygen, Oj. is isoelectronic with ethylene and it vwuld seem 
straightforward to predict that O2 would have a double bond. 
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The structure of oxygen has proved to be a challenge to chemists 
Many of the properties of oxygen are consistent with this structure 
of O 2 The bond in the oxygen molecule is stronger than the single 
bond between oxygen atoms in hydrogen peroxide (page 1 78) More 
energy is required to break the bond in O 2 than is required for the 
bond in HjOj In addition, the bond length in the O 2 molecule is 
shorter than the oxygen-oxygen bond in HjOa The short bond length 
in the O 2 molecule shows that the two oxygen atoms are drawn 
together more effectively than in H 2 O 2 These experimental facts 
suggest that there are extra bonding electrons between the two 
oxygen atoms in O 2 

However, other experimental measurements are not in agreement 
with the double bond description for O 2 These measurements 
indicate that there are two unpaired electrons in O 2 Our simple 
mode! for chemical bonding is only partially correct for one of the 
most important molecules However, this model does give satisfactory 
explanations for a very large number of compounds We will not 
discuss the more complex model which gives adequate treatment 
of O 2 . 


10-6 Molecules with Triple Bonds 

The hydrocarbon acetylene is a good example of a molecule with a 
triple bond Acetylene has the molecular formula C 2 H 2 The neon 
and helium configurations are achieved when we assign these struc- 
tures for acetylene 


H ^ C ‘ . C . H or H-C^C-H 

The orbital representation for this molecule looks like this 
Is 
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Nitrogen and hydrogen cyanide are isoelectronic with acetylene 
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10-7 Hydrogen Bonding 

Our discussion of covalent bonding has been limited to compounds 
of the second row elements, C, N, 0, and F. From our earlier dis- 
cussion of the Periodic Table, we would expect to find that our 
explanations of covalent bonding would be applicable to all elements 
in the same penodic family The same orbital representations would 
explain the bonding m CIj, Brs, and ij, in HjS, H^Se, and HjTe, in 
CCI 4 , CBr 4 , and CI 4 . Of course, the overlapping orbitals would have 
higher quantum numbers than the orbitals used in the compounds 
F 2 / H 2 O, and CF 4 

Figures 10-4 and 10-5 show the increase m melting and boiling 
temperatures for the noble gases, the halogens, and the carbon 
compounds with genera) formula CX 4 

Figures 10-6 and 10-7 show plots of ntelting and boiling 
behavior for hydrides of elements in the columns under C, N, 0, and 
F. Penodic trends are evident /f we ignore the fkst coa^mnd in 
each senes. Water, ammonia, and hydrogen fluoride seem to have 
abnormally high melting and boiling temperatures. Does our 
orbital model suggest any explanation for these expenmental facts? 

High melting and boiling temperatures suggest greater forces 
between molecules of HF, H 2 O, and NH 3 than we might expect 
Perhaps we are dealing with aggregates or clusters of molecules 
with lowered potential energy Ciustenng of ions led to ioweiing of 
potential energy for the ionic system (page 169), and something 
similar may provide an explanation for the higher melting and botitng 
temperatures. Perhaps hydrogen atoms serve as a bridge to join 
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FIGURE 10-S 

The melting and boiling temperatures 
for carbon compounds with formula CXi 
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Trends In boiling temperatures 
for hydrides of four families 
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several molecules together This bridge would provide the clusters 
that we need This type of bonding is given the name hydrogen 
bonding. It is often represented in this manner: 

/» 

0 

* h/ \h 

or 

. H H H H 
'F '*F 

We are not ready to provide an explanation for hydrogen bonding. 
However, we can offer a qualitative view that will be discussed more 
completely in Chapter 1 7 The clue lies in the fact that the hydrogen 
atom, with only the Is orbital for bond formation, cannot form two 
covalent bonds. And yet our suggestion above Implies that hydrogen 
IS involved in more than one bond 
At various times we have emphasized that all chemical boid$ 
arise for the same reason An electron is simuhaneousfy attracted to 
two nuclei The same situation holds in hydrogen bonding, with a 
slight change. 

Hydrogen bonding occurs when the hydrogen nucleus 
IS simultaneous attracted to two electron pairs 

Consider two oxygen atoms m two acgacent water molecules, as m 
these diagrams. 
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Two requirements must be met for hydrogen bonding to occur 
between two molecules One molecule must contain hydrogen One 
molecule must have easily accessible electrons Often these elec- 
trons are supplied by a small atom which has valence electrons not 
already involved in bonding The second requirement explains why 
hydrogen bonding is most common for compounds containing the 
atoms F, 0, and N (and to a lesser extent Cl) Sometimes hydrogen 
bonding occurs within one molecule, more often hydrogen bonding 
occurs between two molecules which do not have to be identical 
Hydrogen bonding is important m a number of chemical systems 
It IS particularly important in many biological systems We will refer 
to hydrogen bonding in the succeeding chapters of this book 


10-8 Review 

In this chapter, we have used the words ionic bond and covalent 
bond in discussing chemical bonding. In either case, the nature of 
the chemical bond is the same electrons in atoms are simultaneously 
attracted by two nuclei 

The orbital model for the atom helps us in understanding chemical 
bonds in tonic bonding, electrons a;e transferred from one ele- 
ment to another element Positive and negative ions form, each ion 
having acquired the electron configuration of a noble gas The 
electrical attraction between these ions leads to the formation of an 
tonic solid Positive ions alternate with negative ions in such a 
manner that electrical neutrality is achieved 

in covalent bonding, electrons are shared by two elements 
Sharing can occur when each element has a partially filled orbital 
A number of different diagrams are used by chemists in trying to 
indicate the formation of a covalent chemical bond The orbital 
representation of covalent bonding shows most clearly what happens. 


Bond forms, the 1s orbitals 
of two H atoms overlap 


Much simpler but less detailed is the eiedtron dot method of showing 
the formation of a covalent bond 



H +.F: 


h;f. 
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W6 say that tha H atont has accjuired the He electron configuration 
in this molecule At the same time the F atom has acquired the Ne 
electron configuration Still simpler but very convenient is the use 
of a line to represent the bonding electron pair, 

H-F 

A single bond anses when an orbital of one atom overlaps an 
orbital of a second atom If two orbitals of an atom overlap two 
orbitals of a second atom, we say that a double bond exists between 
the atoms The bonding in the three hydrocarbons ethane, ethylene, 
and acetylene illustrates single, double, and tnple bonds. 

/ \ / 

H-C-C-H C«C H-CsC-H 

ethane ethylene acetylene 

The chapter concludes with a brief discussion of hydrogen 
bonding. Under certain circumstances the H atom acts as a bridge 
between molecules, giving nse to a cluster of molecules. One 
consequence of this phenomenon is the unusually high melting and 
boiling temperatures for water Hydrogen bonding is particulaHy 
important in many biological systems 


Questions and Problems for Chapter 10 


1 

Which of the properties listed are characteristic of an 
ionic solid ? 

. (a) low melting temperature 

(b) conducts electricity as a solid. 

(c) dissolves in water to form a solution containing 
mostly ions 

(d) dissolves to form a solution containing mostly 
molecules 

(e) when fused, the melt conducts electricity. 

2 

Which families of eluents tend to form ionic solids? 
3 

Describe the electron configuration for atoms of 
lithium and fluorine after they have reacted ^ form an 
ionic solid. 


4 

How many atoms of fluorine m needed per atom of 
cafcbm to f orm the K)mc (»mpo»ffld cakau^ 

6 

Write the empirical formulas, aeemning that thaw 
elements react to form Kxiic coii^^ The atomic 
number IS given to help you k>c«e the alemem 
Periodic Table 

(a) Al(13) and S(1 6) (d) Fr(S7) and 0(8) 

(b) Mg(12) and N(7) («) Ba{88) and i(63) 

(c) B8{56)8ndAt(86) 

e 

Add the wrgy term E to die equation 

(a) K--^K^ + e“ 

(b) 
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7 

Draw tha orbital representations of 

(a) sodium fluonde, NaF 

(b) beryllium fIuonde,BeF 2 

a 

Give the orbital and also the electron dot representa- 
tions for H, H’*’, and H" 


ie 

Using the electron dot representation, show a neutral, 
a negatively charged, and a positively charged OH 
group 

17 

Draw the orbital representation of the molecule N 2 H 4 , 
hydrazine 


s 

What type of bonding would you expect to find in 
MgO? Explain 

10 

Show that NaF and MgO are isoelectronic compounds 
How would you expect their melting temperatures to 
compare? 

11 

In general, what conditions cause two atoms to com- 
buretoform, 

(a) a bond that is mainly covalent ; 

(b) a bond that is mainly ionic 

n 

What m the molecular species present in gaseous 
woo, agon, krypton, and xenon ? Explain 

1 » 

What energy condition must exist it a chemical bond 
k lo fcim between two approaching atoms ? 

Ms 

and valence electron conditions 
gj^^lfelijemtcal bond is to form between two 



^ the electron dot represents- 
iothese molecules Cl 2 ,HCI,ao 


18 

Draw electron dot formulas of compounds that are 
isoelectronic with CI 2 Use the Periodic Table and the 
examples in Tables 10-7 as guides 


19 

Knowing the orbitals carbon uses for bonding, use the 
Periodic Table to predict the formula of the chloride of 
Silicon What orbitals does silicon use for bonding? 


20 

The borohydride ion, can be thought of as a 
combination of BH 3 and ion Give the orbital and 
also the electron dot representation for the boro- 
hydride ion 


21 

Make use of your answer to Problem 20 to describe 
the bonding in the compounds sodium borohydride 
and lithium aluminum hydride 

22 

Draw electron dot formulas for the molecules CHsCI, 
CH 2 CI 2 , CHCI 3 , and CCI 4 

23 

In Section 10-4, we showed how the hydrocarbon 
family C„H 2„+2 can be derived from methane, .Similar 
families of compounds can be derived from methyl 

aifnhni 



(a) Show how ethyl and propyl alcohols, C2H5OH and 
C3H7OH, can be denved from methyl alcohol, 
CH3OH 

(b) How many tsomers would you expect for propyl 
alcohol ? 

24 

Ethylene is the first of a family of hydrocarbons called 
alkenes Each aikene has one double bond tn the 
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Structure. Use line drawings to show bonding in the 
compounds ethylene and propylene, CaH«. 


Acetylene ts the first of a family of hydrocaibons called 
9 /kynes. Each alkyne has one triple bond in the 
structure. Use line drawings to show bonding in the 
compounds acetylene and propyne, C3H4. 
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Energy Effects 
in Chemical Reactions 



Now that we have some understanding of molecular structure, let 
us see what happens when molecules react with one another We 
shall discover that chemical reactions form the heart of chemistry 
In the next five chapters chemical reactions are considered frorrv 
several viewpoints. Of course, as before, we will be searching for 
regularities to help simplify and organize our observations 

When a chemical reaction occurs, some bonds in molecules are 
broken and new bonds form. Energy is required to break a chemical 
bond However, energy is released when new chemical bonds form 
Almost alt of the energy effects in a chemical reaction are the result 
of bond-breaking and bond-forming events 

For many years man has depended on chemical fuels to satisfy 
most of his energy requirements At first wood was the important 
fuel During the last one hundred and fifty years we have used coal, 
petroleum, and, more recently, natural gas to supply the major energy 
requirements for our rapidly expanding technology The rate at 
which these resources are consumed, however, increases each year 
Since there is a limited reserve of chemical fuels, many scientists 
and engineers are exploring ways to develop nuclear energy as an 
economical energy source 

Why do some reactions release energy? Mow is energy stored in 
molecules? What is the source of this energy? How can it be 
measured? And how can this energy be released when needed? 
We will look at some chemical reactions in search of answers to 
these questions 


11-1 Heat Energy and Chemical Reactions 

When soft coal is heated out of contact with air, a number of very 
important chemical compounds can be separated by distillation 
The material left behind is almost pure carbon It is called coke, a 
hard, brittle substance that burns with an intense heat, without 
smoke. It is an important industrial fuel, widely used in blast furnaces 
in the production of iron. Coke is also used to make a gaseous fuel 
called "water gas " 



At temperatures near 600“C, steam passed over hot coke reacts to 
give carbon monoxide and hydrogen. 
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H20(g) + C(6) CO(g) + H,{g) 

The mixture of product gases is called “water gas “ It is an excel- 
lent industrial fuel In the preparation of water gas, a chemical 
engineer finds by experiment that heat energy is absorbed during the 
reaction Periodically the steam must be turned off and the coke 
reheated to keep the reaction going It is possible to measure the 
amount of heat energy absorbed by the system and write it as part 
of the chemical reaction Such a measurement shows that 31 4 kcal 
of heat energy is absorbed for every mole of carbon that reacts 
Since heat energy needs to be supplied, it is placed on the left side 
of the equation. 

HjOCg) + C(s) + 31.4 kcal C0(g) -I- HM 

Suppose a mechanical engineer wants to design a boiler which is 
to be heated by burning water gas as the fuel There are two chem- 
ical reactions that occur whan water gas is burned in air. 

CO{g) + %O,(g)-^C0,(g) 
and 

H2(g) + V20a(g)'~>H20(g) 

These reactions release heat energy. The mechanicai engineer 
would like to know how much. He can find out by me«unng the 
heat energy produced for each reaction. It is placed on the right 
side of the chemical equation Experiments give these values . 

C0(g) + Vj OjCg) COM + 67.6 kcal 

H2(g) + VjOafg) HjO(g) + 57,8 kcal 

The total heat energy released is 1 25 4 kcal when one mole of CO(g) 
and Hjfg) is burned 

Suppose an accountant decides to look into the cost of using 
water gas as a fuel He thinks in terms of gains and losses. He 
observes that the consumption of coke and water to generate water 
gas IS follov'ed by the burning of water gas to form carbon dioxide 
and water He can see that the overall reaction is combustion of 
coke to form carbon dioxide 

HjOCg) + C(s) C0(g) + H2(g) 

C0(g) + V2 02(g) ->C02{g) 

H2(g) + V2 02 (g) --^HaOCg) 

C(s) + 02(g) — ^ COaCg) overall reaction 

The accountant might ask, '*Why not burn the coke directly and 
save the cost of manufacturing the water gas?“ 



The mechanical engineer wants to know, "How much heat energy 
will the boiler receive if I use coke instead of water gas?" 

The chemical engineer must go to the laboratory for answers to 
these questions He measures the heat energy released when one 
mole of carbon is burned The experiment shows that 94 0 kcal/mole 

le mlpscpfi 

C(s) -f 02 (g) C02(g) -f 94 0 kcal 

The chemical engineer now can answer the accountant's questions. 
If one mole of carbon is burned directly, 94 0 kcal of heat energy is 
released If one mole of carbon is converted to water gas and then 
burned, 125 4 kcal can be obtained The mechanical engineer has 
a better fuel 

The accountant might ask the chemical engineer, "Where did this 
extra heat energy come from ? Did we get something for nothing ?" 
The answer to this last question is "No " Water gas releases more 
heat energy per mole of carbon because energy was stored in the 
system when hot coke reacted with steam The accountant can 
balance his books this way 


TABLE 11-1 

Heat Effects in the Manufacture and Use of Water Gas 



Heat 

Heat 


Energy 

Energy 

Reactions 

Input 

Outflow 

H20(g)+ C(s)-^CO(g) + Hj(g) 

31 4 kcal 


CO(g)+V2 0,(g)->.CO:(g) 


67 6 kcal 

Hj(g)+V 2 0j{g)->H,0(g) 


57 8 kcal 


31 4 kcal 

125 4 kcal 


absorbed 

released 


Net reaction 1 25 4 kcal 

C(s) + 02 (g) C02(g) -314 kcal 

Net energy 94 0 kcal 
released 


Our example shows that 31 4 more kcal were stored in the water 
gas than in the starting materials, coke and steam We can get that 
energy back any time we want it, by burning the water gas The 
energy is stored as potential energy in the H 2 and CO molecules 
The bonds in these molecules have more stored energy than those 
in C and H 2 O 

11-2 Heat Content of a Substance 

When sunlight falls on the leaves of a tree, chlorophyll molecules 
receive some of the radiant energy An amazing chemical factory 1s 



set into operation Molecules of water and carbon dioxide are con- 
verted into sugar molecules and oxygen molecules 
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6 HjO 4- 6 CO 2 + energy CSifii + 6 Oj 

In photosynthesis the energy in sunlight is transformed Into 
potential energy represented by a new arrangement of atoms The 
energy is stored in sugar molecules and in oxygen molecules 
Chemists have a special name for this type of potential energy* The 
potential energy stored in a substance during its formation is called 
the heat content of the substance A mole of each substance has 
a characteristic heat content just as it has a characteristic mass. 
Chemists use the symbol H to represent molar heat content. The 
heat effect m a chemical reaction is the difference between the heat 
contents of the products and the heat contents of the reactants 
This difference is represented by the symbol A// The Greek letter X 
delta, is shorthand for difference 

M * X * .u /HeatcontenA /HeatcontenA 
Heat of reaction ^ . ^^ -1* ^^1 

\ of products / \ of reactants J 

Remember, almost all of the energy effects m a chemical reaction are 
the result of bond-breaking plus bond-forming events 
To help you remember how bH 1 $ defined, think a minute how 
you would calculate the time it takes you to get to school each day 
Suppose you leave home at 7 *1 5 each morning and arrive at school 
at 7:50 The time required for this tnp would, of course, be 
35 minutes 


Change in time = Final tinf\e - Initial time 
« 7.50 -7*15 
A(time) = 35 minutes 

Chemists agreed many years ago to calculate quantities like A// in 
this manner 

(value at final conditions) - (value at initial conditions) 

The water gas example will help us to understand AH better Here 
are equations for the two reactions* 

HjOfg) + C(s) +314 kcal H 2 (g) + CO(g) 

C0(g) + V 2 02 (g) C02{g) + 67 6 kcal 

The first reaction absorbs heat energy It is an endotherrruc reaction. 
The second reaction gives off heat energy. It Is an exothermic 
reaction If you can imagine yourself standing inside the reaction 
chamber for each of these reactions, you would be able to say : 

“Heat energy is being added to the first system The heat corrtent 
of the products must be greater than the heat content of the 
reactants," 
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”Heat energy is being given off by the second system. The 
heat content of the products must be less than the heat content of 
the reactants " 

We can rewrite the chemical equations to agree with this descrip- 
tion This method shows a LH term after each equation Note that 
the sign of HnH makes sense if you consider yourself part of the 
system 


ENDOTHERMIC REACTION 

EXOTHERMIC REACTION 

The sign of A// is positive if energy must be added 
to the system 

The sign of AH is negative if the system gives 
out energy 

HjOte) + C(s) + 31 CO{g) + Hj(g) 

CO(g) + Va OaCg) C02(g) + 67 6 kcal 

4//-+314keal 

A// * -67 6 kcal 

AH 1 $ positive for en endothermic reaction 
The heat content of the system increases 

AM 1 $ negative for an exothermic reaction 

The heat content of the system decreases 


These ideas are presented graphically in Figures 11-1 and 1 1 -2. 


Products 



Peactonts 


FIGURE 11-1 

CbMQft k) heat conteitt dunng an endothermic 
reaction The system gams energy 


HiOig) + C(5} d- Bnargi — > H 2 (g) + CO{g) 



11-3 Measurement of Heats of Reaction 
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You have measured heat effects for a number of chemical reactions 
in your own laboratory work You found, for example, that the 
reaction between aluminum metal and a solution of copper chloride 
generated a large amount of heat In the more careful work of 
Experiment 26, you determined the heat of reaction when one mole 
of an acid reacted with one mote of base 
The heat of a chemical reaction is measured with a calorimeter. 
Several kinds of calorimeters are illustrated in Figure 1 1 -3 You used 
the kind on the left A more elaborate calorimeter is shown in 
schematic form in the center of the figure The chemical reaction 
between known masses of substances is allowed to take place in the 
reaction chamber, A The heat effect of this reaction changes the 
temperature of the water in the insulated reservoir, B If we know 
the mass of water and the temperature change, we can calculate the 
heat energy, in calories, for the chemical reaction This is the same 
method you employed in Experiment 26, using a plastic cup as the 
calorimeter It is customary to report the molar heat of reaction 
Chemists have measured the heats of many reactions Often they 
use a very complex calonmettr to achieve precise results The right- 
hand section of Figure 11-3 illustrates one A few examples of 
molar heats of reaction are given m Table 1 1 -2 



FIGURE 11-3 

A A simple calonmeter to measure heats of reaction m aqueous solutions 
B Schematic drawing of a calonmeter 
C, Complex calorimeter 
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TABLE 11-2 

Heats of Reaction Between Elements 
t = 25'’C P “ 1 atmosphere 


Elements 

Compound 

Formula Name 

Heat of Reaction 
(kcal/mole of product) 

H2(g) + %0j(g) 

->H20(g) 

water vapor 

-578 

H2(g) + V2 02(g) 

->H20(/) 

liquid water 

-68 3 

V,S,(s) + 02 (g) 

->SO2(0) 

sulfur dioxide 

-710 

H2{g) + V.S,{s) + 202(g) 

-^H2S0.(/) 

sulfuric acid 

-194 

’ 4 N 2 (g) + y2 02(g) 

-♦NO(g) 

nitric oxide 

+21 6 

yjNj(g) + 02(g) 

->-N02(g) 

nitrogen dioxide 

+ 81 

V,N,(g)+%H 2 (g) 

-»-NH2(g) 

ammonia 

-110 

0(8) + '402(0) 


carbon monoxide 

-264 

0(8) + 02(g) 


carbon dioxide 

-940 

C(8) + 2H2(g) 

-»-CH2(g) 

methane 

-179 

2C{s) + 3H2(g) 


ethane 

-202 

3C(s) + 4H2(g) 


propane 

-248 

'/2H2(g) + '/2I2(S) 

-^Hl(g) 

hydrogen iodide 

+ 62 

V2H2(g) + '/212(g) 

-»>HI(g) 

hydrogen iodide 

- 12 


11-4 Additivity of Heats of Reactions 

The accountant's balance sheet for the water gas system can now 
be reexamined This time the heat effects are shown in terms of 
the experimental values for AH 

1 HjOtg) + C(s) CO(g) + H 2 (g) AH, « +31 4 kcal 

2 CO(g) + '/j 02 (g) — ► C 02 (g) AWj = -67 6 kcal 

3 H 2 (g) + '4 Oj(g) — ► HjOCg) AWj = -57 8 kcal 

Addition of these chemical equations leads to the overall equation 

4 C{s) + 02 (g) ->C02(g) 

The experimental value for the heat of this reaction, A// 4 , has been 
determined 

AH 4 = -94,0 kcal 

Notice that AH 4 « AH, + A/fj + AH^ 

31 4 + (-67 6 ) + (-57 8 ) 

- 31 4 - 676 - 57.8 
= -94 0 kcal 

Figure 1 1 -4 shows the same heat effects in graphical form This 
balance sheet is very similar to the one that you obtained m 
Experiment 26 When a chemical reaction can be expressed as the 
algebraic sum of two or more reactions, its heat of reaction is the 
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FIGURE 11-4 

Heat effects in the manufacture and 
use of water gas 


algebraic sum of the separate reaction heats This important general- 
ization has been found applicable to every reaction that has been 
tested This principle can be used to predict the heat of reaction for 
many reactions not included in Table 11-2 For example, find the 
heat of combustion for nitric oxide, NO 

NO(g) + V 2 02 (g) -^N02(g) ^ 7 

We look for equations in Table 11-2 that include the compounds 
NO and NO 2 

V 2 N 2 (g) + V 2 02 (g) N0(g) AH - +21 6 kcal 

V 2 N 2 (g)+ 02 (g) N02(g) AH ^ +81 kcal 

Consider a reaction in which the compound NO is a reactant and 
NO 2 IS the product First, reverse the chemical equation that shows 
NO as a product Next obtain the heat for the reversed equation 
by changing the algebraic sign of AH If 21 6 kcal of heat energy 
IS absorbed when one mole of NO is formed, then 21 6 kcal of heat 
energy is released when one mole of NO is decomposed in the 
reversed reaction 

NO{g) V2 N 2 (g) + V2 02 (g) A// * -21 6 kcal 

The sign of AH changes whenever a chemical equation is reversed 
in this fashion 

NO(g) V 2 Nj(g) -t- % 0,(g) AH - -21 6 kcal 
V,N,(g) + 0,(g)^N0,(g) AH= +8.1 kcal 
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Now add, aigebraically, the chemical equations and the LH values 
We obtain the chemical equation for the combustion of NO 


NO(g) + V2 02(g) N02(g) A// - -21 6 + 8 1 

- -13,5 Real 

The sign of A// is negative The reaction is exothermic Heat energy 
IS given off when nitric oxide reacts with oxygen 


EXERCISE 11-1 

Convince yourself that LH changes sign when a chemical equation 
IS reversed 

C(s) + 02(g) C02(g) + 94 0 Real « ? 

C02(g) + 94 0 Real — ► C(s) + 02(g) A// = ? 


Here is another example, the combustion of methane, CH4 

CH4(g) + 2 02 (g) C02(g) + 2 H20(g) LH - ? 

Since there are three compounds in this reaction, we must looR for 
the equations in Table 1 1 -2 that include these molecules We write 
the equations so that CH4 is on the left as a reactant CO2 and H2O 
must appear on the right as products 

CH4(g) C(s) + 2 H2(g) LH ^ +17 9 Real 

C(s) + 02(g) C02(g) A// = -94 0 Real 

2 H2(g) + 02(g) 2 H20(g) A// = -1 1 5 6 Real 

The first equation has been reversed and the sign of LH changed 
The last equation, including LH, has been multiplied by 2 because 
two moles of H2O are needed 
Add the chemical equations and the A// values 

CH4(g)+ 2 02(g)--*-C02(g)+2H20(g) 

AA/=+179 -940 - 1156 
* -191 7 Real 

This IS also an exothermic reaction Methane is a very good fuel 
because of the large amount of heat energy given off when methane 
bums The gas used in the burners in most school laboratories is 
methane 


EXERCISE 11-2 

Use the equation C(s) + 02(g) C02(g) + 94 0 Real to convince 

yourself that dJi will double when two moles of carbon are burned 



EXERCISE 11-3 

Use values in Table 11 -2 to calculate the heat of this reaction 

CO(g) -’, 03 {g)--^C 0 ;(g) 

Compare your result with IH given for this reKtion on page 196 
EXERCISE 11-4 

a Calculate .if/ for one mole of NH 3 reacting with oxygen Use 
4 NH 3 (g) -J- 3 QM 2 N,(g) - 6 H,0(g) 
b Is this reaction exothermic or endothermic ^ 

EXERCISE 11-5 

Use values m Table 11-2 to calculate how much heat energy is 
required to vaporize one mole of HjO at 25"C 


11-5 Conservation of Energy 

How many times have you waked up m the morning full of energy ? 
You feel ready to accomplish something that day, whether it is 
schoolwork or playing football or going to a dance We all know 
what the word energy means in these expressions In this section 
we will see how scientists use the word energy Some examples 
will help 

When gasoline is burned in an autorTx>bite engine, part of the 
potential energy m this fuel is converted into heat energy The 
expansion of hot gases moves the engine pistons A gear system 
transfers this motion to the wheels and the automobile moves The 
amount and kind of fuel used in an automobile engine determine 
how far (and how fast) the automobife moves 

Water flowing over a dam can drive a paddle wheel The potential 
energy of water is transformed into mechanical energy of a rotating 
wheel The wheel may be part of a system which generates elec- 
tricity Mechanical energy is transformed by a generator into elec- 
trical energy Just think of the ways that electrical energy does work 
for us the battery that starts an automobile, the electric motors 
that move elevators and escalators, the power toote in the wood 
shop that make sawing and sanding and drilling so much easier for 
us The volume of water and the distance it falls over the d«n or the 
kilowatt-hours of electnchy generated can be related to die work that 
can be done 

These examples show that energy can be converted from one form 
to another Many careful experiments have led scientwts to the view 
that energy is always conserved This regularity is called the Law 
of Conservation of Energy, It says that m every expwimerrt so 



far performed, energy is conserved provided all the different forms of 
energy are taken into account 

11-6 Comparison of Energy Changes 

Chemists interpret energy on the molecular level In Section 4-4 we 
saw how the absolute temperature of a gas is directly related to the 
translational motion of molecules There are other forms of molecular 
motion that are important Let us imagine a molecule as a group of 
balls hooked together by springs The balls represent atoms and the 
springs represent the bonds between atoms The total kinetic energy 
for molecules is a result of the kinds of molecular motion shown in 
Figure 1 1 -5 


FIGURE 11-5 
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The three kinds of motion that a molecule 




may have Each contributes 

Translational 

Rotational 

Vibrational 

to the total kinetic energy 

motion 

motion 

motion 


Translational motion of the molecule as a unit. It is 
this type of motion which is directly related to the 
absolute temperature of a substance 

Rotational motion of the molecule around its center 
of mass 

Vibrational motion of the atoms in a molecule toward 
and away from the center of mass 

Now let us follow what happens at the molecular level as we add 
thermal energy to a crystalline solid At first the temperature is very 
low This means that the molecular motion about the regular crystal 
positions IS not very large. As energy is added, the temperature of 
the solid rises The back-and -forth motion of the molecules increases 
At some temperature the kinetic energy of the molecules causes so 
much random movement that the crystal is no longer stable, the 
solid melts A phase change takes place 

The kinetic energy of the molecules in a liquid is primarily in the 
form of translation and rotation Warming the liquid increases the 
molecular motion Molecules tend to move about m a random fashion 
m the liquid At the boiling temperature, another phase change takes 
place The liquid vaporizes and gas molecules move throughout 
their container 

As more energy is added to the gas, vibration within molecules 
begins to be an important factor Ultimately a temperature is reached 
when the kinetic energy of translation, rotation, and vibration in the 




molecule becomes comparaole to cHewica* emerges VO'C 203 

cules begin to dissociate Only the simplest i-^o^ecu’es a^e stable at 
temperatures above several thousand degrees 
If we continue to add thermal energy to ou^ svstem a tempera* jre 
will be reached when the kmet c energy approaches the (O^ ration 
energies for the atoms The atoms ionize This s^a^e of matter s 
called plasma, a gas made up of electrons and positive icns 
Behavior of plasmas is an important research topic today 
Finally, at a temperature of several million degrees the kmetic 
energy is comparable to nuclear binding energies The particles 
collide with such tremendous force that nuclear reactions begin 
There is good reason to think that many nuclear reactions take place 
in stars These reactions are believed to be the sour'ce of a star s 
energy We will talk about nuclear reactions in Chapter 21 
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11-7 Review 


Every chemical compound has a characteristic mass Every chemical 
compound has a characteristic heat content The heat content of a 
substance is a measure of the potential energy stored m the sub- 
stance during its formation Energy is stored in the bonds and changes 
when their number and kind are altered in a chemical reaction The 
heat effects in a chemical reaction measure the difference between 
the heat contents of the products and the heat contents of the 
reactants Chemists indicate this difference, the heat of reaction, 
with the symbol A/y 

If there is an increase m heat content during a chemical reaction 
AH IS a positive number Such a reaction absorbs heat energy from 
Its surroundings The reaction is endothermic. 

If there is a decrease m heat content during a chemical reaction, 
AH IS a negative number The reaction gives up heat energy to its 
surroundings The reaction is exothermic. 

Chemists have measured the heats of many reactions Just as 
several chemical equations can be added to give an overall equation, 
so can AH values be combined to give the heat of reaction for the 
overall chemical reaction This important regularity has been found 
to apply in every system that chemists have studied 

Energy can be transformed from one type to another The sum of 
all types is constant for a fixed system On a molecular basis, poten- 
tial energy is present in the bonding arrangement and kinetic energy 
in the motions of the atoms and molecules 


Questions and Problems for Chapter 11 


1 

In the process of making water gas, the coke cools 
Propose a method of heating this coke 

Z 

both solid and gaseous fuels Contrast ad- 
vsiiai^ofu^ngeach - 

% 


4 

The amount of solar radiation received m Arizona is 
about 1 80,000 kcal/ft^/year How much coke (C) must 
be burned to COj to produce this amount of heat 
energy? 

5 


Wicfecontems more stored energy (potential energy) ? Which of the following reactions are endothermic ? 


(a) H2(g) + V2 02(g) ->H20(g) 

(b) V2N2(g) + V2 02(g) -^NO(g) 

(c) NH3(g)-^V2N2(g)+%H2(g) 

(d) V2 N2(g) + % H2(g) NH3(g) + 110 kcal 
(a) V2 N2(g) + 02(g) + 8 1 kcal N02(g) 



or an unburned match head 

a plant needs to make a potato, or 

photographer's flashbulb 
or grass that has been through 


A/y=-57 8kcal 
AH = +2T 6 kcal 
AH^+U Okcal 



6 


What IS the minimum energy required to syntheiae 
one mole of nitric oxide, NO, from the elements > 

7 

How much energy is liberated when 0100 mole of 
H 2 at 25*^0 and 1 atmosphere 1 $ combined with enough 
02 (g) to make liquid water at the same conditions? 


How much energy is consumed in the decomposition 
of 5 0 grams of HjOC/) at 2bX and 1 atmosphere into 
Its gaseous elements at the same conditions ? 


Which one of the following statements is FALSE as 
applied to this equation? 

HM :?± H(g) + H(g) AH « 1034 kcal 

(a) The positive AH means the reaction is endothermic 

(b) Two grams of H(g) contain nnore energy than 

2 grams of H 2 (g) 

(c) Mass for mass. H(g) would be a better fuel than 

H2(g). 

(d) The spectrum of H 2 (g} is the same as the spectrum 
of H(g) 

10 

To change the temperature of a particular calonmeter 
and the water it contains by one degree requires 
1 550 calories The complete combustion of 1 ,40 gran^ 
of ethylene gas, C 2 H 4 (g), in the calorimeter causes a 
temperature rise of 107 degrees Find the heat of 
combustion per mole of ethylene 

11 

Given 

3 C(s) 4- 2 FejOaCs) + 110 8 kcal 

4 Fe(s)+ 3 C 02 ( 9 ) 

Rewrite the equation, using one mole of carbon and the 
AH notation 

12 

Given 

V2H2(g) + V2Br2(/)-^HBr(g) 

-8 60kcal/moleHBr 
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Rewrite the equation for one mote of hydrogen gas 
end include the heat effect as a term in the equation 

13 

Using Table 1 1 -2. calculate the heat of burning ethene 
in oxygen to give CO 3 and water vapor 

Answer AH * -341 kcal/mole C 2 H 4 . 

14 

Given 

C(diamond) ^ Ojfg) C 02 (g) 

ah « -34.50 kcal 

C(graphite) 4 * Ojfg) — ^ C 02 (o) 

-94 05 kcal 

Find AH for the manufacture of diamond from graphite 

C(graphrte) C(diamond) 

is heat absorbed or evolved as graphite is converted to 
diamond? 

1 $ 

The "thermite reaction" is spectacular and highly exo> 
thermic It involves the reaction between FejOj, feme 
oxide, and metallic aluminum The reaction produces 
white-hot, molten iron in a few seconds Given: 

2Al + %02-^Al20, 

AH, » -400 kcal/mole 

2Fe + %02-9.Fe203 

AH 2 »» -200 kcal/fTKile 

Determine the amount of heat liberated in the reaction 
of 1 mole of Fe 203 with Ai- 

Answer, AH ^ -200 kcal/mole Fe,Oj. 
ie 

How much energy is released in the manufacture of 
1.00 kg of iron by the "thermite reaction" mentioned 
m Problem 15? 

17 

How many grams of water could be heated fmm 0®C to 
100®C fay the heat liberated per mole of aluminum 
oxide formed m Problem 15 ? 
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18 

Which would be the better fuel on the basis of the heat 
released per mole burned, nitric oxide, NO, or am- 
monia, NH3? Assume the products are N02(g) and 
H20(g). 

18 

What IS the minimum energy required to produce one 
mole of sulfur dioxide from sulfuric acid ? 

S02(g) + H20(g) -f V 2 02 (g) 
Answer bM « -1-65 kcal/mole S02(g) 

20 

The heat of reaction for the formation of MgO(s) from 
the elements is 44 kcal/mole of MgO(s) How much 
heat IS liberated when magnesium reduces the carbon 
in CO2 to free carbon ? See Table 1 1 -2 

Answer AH = ~97 kcal/mole MgO 

21 

SO2 can be combined with oxygen to give SO3 The 
moleff heat of reaction is -23 0 kcal/mole SO2 Cal> 
cuiate AH to form one mole of SO3 from Sg and O2 

22 

The formation of liquid methanol, CH3OH, from ele- 
ments releases 152 6 kcal/mole CH3OH Calculate A/y 
for Mmbustion of one mole of methanol to CO2 and 
HaP, 

21 

Bow mudt water can be boiled by using the heat from 
oowrtitely burning one mole of carbon ? 

^ IfttmwrterisatlOOX 

^ tf h » 9* OX and must be warmed to 100®C first 

acetylene, C2H2, is represented by 

Wfi f */,0,(fl) 2 COj(g) + H,0(/) 

A/y = -312 kcal/mole 

one mole of acetylene from 


25 

Which gives more heat on burning, a mole of acetylene 
or a mole of ethane ? See Problem 24 and Table 1 1 -2 
for data 

26 

In Chapter 10, the family of saturated hydrocarbons 
was represented by the formula C„H2fl+2 Each suc- 
cessive member of this family adds a ■“CH2'- unit 
Use the values in Table 1 1 -2 and the equation 

4C(s)+5H2(g)->C,H,o(g) 

AH^ -298kcal 

to estimate the AH for the formation of one mole of 
pentane, C5H12/ from the elements (Hint calculate the 
change in AH for each additional CH2 unit ) 

27 

Why IS the Law of Conservation of Energy considered 
to be valid ? 

28 

What do you think would happen in scientific circles 
if a clear-cut, well-verified exception was found to the 
Law of Conservation of Energy as stated in the text, 
page 201 ? 

28 

is energy conserved when a ball of mud is dropped 
from your hand to the ground ? Explain your answer. 

30 

List several things that can be done to a steel spnng 
that will increase the energy stored in it 

31 

What becomes of the energy supplied to water mole- 
cules as they are heated in a closed container from 
25Xto35X? 

32 

Outline the events and associated energy changes that 
occur on the molecular level when steam at 150®C and 
1 atmosphere pressure loses energy continually until 
It finally becomes ice at -lOX 




The Rates 
of Chemical Reactions 



An iron naii reacts slowly in air as it rusts White phosphorus 
bursts into flame when exposed to air Candle wax burns only 
after we light the wick of the candle These reactions with the oxy* 
gen in air take place at different rates When we know the factors 
that influence the rate of a chemical reaction, wo can control the 
reaction In this chapter we will study the rates of chemical reac- 
tions by finding what factors influence them 
When hydrogen iodide gas is heated to 400”C, hydrogen and 
iodine are the products of the reaction 

2Hl(g)-^H2(g) + Mg) 

The purple color of iodine vapor gradually increases as the reaction 
proceeds We can calculate the rate of the reaction by determining 
the color change during a certain time interval Since and Hi are 
colorless, the color change indicates the change in iodine concen- 
tration The rate of the reaction is given by the equation 

„ change in iodine concentration 
time intenral 


FACTORS AFFECTING REACTION RATES 

1 2-1 The Nature of the Reactants 

You can draw on your expenence in the laboratory to compare rates 
of different chemical reactions In Experiment 24 you made qualita- 
tive comparisons of the rates of these reactions ; 

5Fe’+ + Mn 04 " + 8H+— »-5F6=+ + Mti“+ + 4HaO fast 
B Cfit + 2 MnOr + 1 6 H+ -► 10 COj + 2 + 8 HjO slow 
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FIGURE 12-1 

Number of collisions depends 
on concentration 


Both ferrous ion, and oxalate ion, C204^” react with permanga- 
nate ion, MnOr, at room temperature ♦ Yet there is a large difference 
in the rates of these reactions The purple color of the permanganate 
ion disappeared much more rapidly in the first reaction The con- 
centrations of permanganate and hydrogen ions were the same at 
the start of your experiments In addition, the temperature was 
approximately the same Therefore, the difference in the rates must 
be associated with specific properties of Fe^"* ** and €204^“ 

When colorless nitric oxide escapes from a test tube into the air, 
the reddish-brown color of nitrogen dioxide gas forms very rapidly 
When carbon monoxide in the exhaust fumes of an automobile mix 
with air, the reaction to form carbon dioxide is very slow 

2 NO + O2 2 NOj fast at 25‘’C 

2 CO + O2 2 CO2 very slow at 25®C 

The form of these balanced equations is identical Clearly the dif- 
ference in reaction rates must depend on the properties of NO and 
CO The determination of the molecular properties which affect rate 
behavior is an important frontier of chemistry 


12-2 Effect of Concentration: Collision Theory 

In Experiment 28 you studied the rate of the reaction between 
peroxydisulfate ion, $208^“, and iodide ion, I" You found that the 
reaction rate increased when you increased the concentration of either 
reactant According to the molecular view of matter, we can assume 
that two molecules must come close together to react Chemical 
reactions depend on collisions between the reacting molecules. 
This model, used to explain reaction rates, is called the collision 
theory. It helps us understand the effect of concentration on reac- 
tion rate When the concentration of a reactant increases, the 
number of molecules or ions in a given volume increases The num- 
ber of collisions each second goes up We would expect the reaction 
rate to increase 


EXERCISE 12-1 

Assume that you have 1 mole of HI gas in a 1 -liter flask at 400“C 

(a) What IS the concentration of HI, in moles per liter? 

(b) What would the concentration be if the same amount of HI were 
put In a 500 ml flask? 

(c) Predict whether the reaction will be faster in (a) or (b) 


* In general, we will no longer use the designation (aq) to indicate that loniC 

and molecular species are hydrated 




EXERCISE 12*2 
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Reactions between gases and solids are very important, particularly 
in many industnai processes On the reasonable assumption that gas 
molecules must collide with the solid for reaction to occur, compare 
the rates of reaction in these three situations The same mass of 
solid IS considered in each instance 
Gas molecules collide with solid 

(a) made of cubes 1 cm on edge 

(b) made of cubes 10“’ cm on edge 

(c) made of cubes 10“* cm on edge 


12-3 Reaction Mechanisms 

Molecuies or ions must collide for a chemical reaction to occur The 
equation for the reaction between and MnO«“ indicates that 
fourteen ions react with each other 

6 -F Mn04” -f 8 H"* 5 Fe®* + + 4 HjO 

The balanced equation seems to suggest that ail of these tons would 
have to collide at the same time The pcobabiiity of that happening 
1 $ very small The rate of a chemical maction which depends on so 
many particles coming together at one time would be very small 
And yet you have seen m the laboratory that this reaction is fast 
It must proceed by a senes of reacttons or steps each of which 
involves mom probable collisions. Chemists call such a senes of 
reactions the reaction mechanism. 

Consider another, less comphcated reaction than the ferrous- 
permanganata reaction. You have studied the reaction between 
pemxydisuifate ion and iodide ion in some detail 

S20,*“ + 2r-^2S04*‘ + f2 

Quantitative studies of the rate for this reaction show that doubling 
concentration of the peroxydisulfate ion doubles the rate of the 
reaction Doubting the concentration of the iodide ton also doubles 
the rate of the reaction Yet in the balanced equation, two iodide ions 
are needed for one peroxydisulfate ion Why does a change in 
iodide concentration have the same effect as an equal change m 
peroxydisulfate concentration? 

An explanation can be given by proposing that this reaction takes 
place in two steps 

Sjor + r sot + so^r slow 

$04!“ 4- r — sot + i 2 fast 

First, notice that adding these equations gives the overall aquation 
S20,*“ + 2 r— ►2S04*“ + l2 



For any proposed reaction mechanism, we must always be able to 
add up all of the separate steps to give the balanced equation for the 
observed reaction 

Second, observe that each reaction requires a collision of only two 
ions We can see that the first step is the "bottleneck" in the reaction 
between peroxydisulfate and iodide ions Almost as soon as the 
ion SO^r forms, it disappears in the second, fast reaction The rate 
of I 2 formation is determined by the rate of the slow reaction in the 
sequence The slow reaction m a reaction mechanism is called the 
rate-determmlng step. Now we can understand why peroxydi- 
sulfate and iodide are equally effective in increasing the reaction 
rate One peroxydisulfate ion collides with one iodide ion in the 
slow rate-determining reaction Doubling the concentration of one 
reactant is just as effective as doubling the concentration of the other 


EXERCISE 12-3 

Imagine five people working together to wash dishes The first two 
clear the table and hand the dishes to the third person He washes 
them and hands them on The last two persons dry and stack them 
Which step IS likely to be the rate-determining step? Discuss how 
the rate of the overall process would be affected if a sixth person 
joined the group (a) as a table clearer, (b) as a second dishwasher, 
(c) as a dish dryer 


1 2-4 Effect of Temperature* Collision Theory 

In the laboratory you observed that temperature influences the rate 
of a chemical reaction Raising the temperature speeds up the 
reaction between and r The same effect is observed in the 
reaction between air and methane in your laboratory burner A 
match "lights" the methane by raising its temperature The com- 
bustion reaction releases enough heat to keep the temperature high 
The reaction continues at a reasonable rate Raising the temperature 
speeds up the reaction 

Two questions come to mind 

"Why does a temperature rise increase the rate of a reaction?" 

"Why does a temperature rise have such a large effect 

Perhaps the collision theory model will lead to answers for these 
questions 

We can calculate for a mixture of carbon monoxide and air under 
normal conditions that a particular CO molecule collides with an O 2 
molecule about once in 10“’ second Every second, a CO molecule 
collides with 10’ O 2 molecules Yet virtually no reaction occurs at 
room temperature Most collisions between molecules are not ef- 
fective Chemists have learned that chemical reactions occur only 
when 'Collisions have sufficient energy to cause a rearrangement of 
atoms We can understand this if we think of collisions between cars 
Frequently, in slowly moving traffic, there are gentle bumps from the 
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Comfurt chmces of coHivon 


car behind No damage is done to the cars Occasionaiiy a high- 
speed collision occurs High-energy collisions cause auto damage. 
High-energy molecular collisions cause the "molecular damage" 
called a chemical reaction 

In Section 4-6 we described an experiment to measure the kinetic 
energies for molecules That expenment showed that there is a 
distribution of molecular energies A few molecules travel at very 
high speeds They have high kinetic energy If one of these 
molecules collides with another molecule, we would expect "molecu- 
lar damage" to take place Most molecules in the sample have much 
lower speed and energy The distribution curve at temperature T,, 
showing the number of molecules having a particular energy, is 
drawn in Figure 1 2-2 This curve will be useful m discussing the effect 
temperature has on the rate of a chemical reaction Let us propose 
that chemical reactions take place only if the two colliding molecules 
bring enough energy to the collision so that rearrangement of atoms 
to form new molecules occurs The minimum amount of energy is 
called the threshold energy, f A vertical line is drawn in Fig- 
ure 12-2 to indicate this energy. The shaded area to the right of this 
line shows us the fraction of molecules with energy greater than f 
Remember that it is not necessary for each reacting molecule to 
have energy greater than the threshold energy If a low-energy mole- 
cule collides with a very high energy molecule, reaction may occur 

At the temperature T,, not many molecules have energies greater 
than the threshold energy Not many collisions involve energies 
greater than the threshold energy Very few of the collisions lead to 
chemical reaction What happens when the temperature is increased 
to Tj ? The distribution curve changes shape It flattens and spreads 
-out as shown in Figure 1 2-2 The average speed of the molecules 
IS greater at the higher temperature There are many more molecules 
now that have kinetic energy greater than the threshold energy, f 
Many more of the collisions involve energy greater than f There- 
fore, the reaction rate is much greater at a higher temperature 



FIQURE 12-2 

Energydistnbtmonftettwoteniperat^ Num- 
ber of nx)lecules witk energy greator than £ « 
much larger at the higher temperature, Ti 
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THE ROLE OF ENERGY IN REACTION RATES 


12-5 Activation Energy 

Imagine someone trying to roll a bowling ball up a very steep hill 
On most tries, the bowling ball slows down and stops before it gets 




FIGURE 12-3 

Insufficient energy; ball returns to onginal level. 



FIGURE 12-4 

Sufficient energy , ball goes over to a new level 
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to the top of the hiii Then it roils beck down on the same side of 
the hilt The kinetic energy of the bowling bell is converted to 
potential energy as the ball slows down look at Figure 1 2-3 to see 
what happens Only occasionalty does the bowler give the bail 
enough kinetic energy so that it gets to the top of the hill and rolls 
down the other side A successful try is shown in Figure 12-4 

We can picture a similar situation for molecules in a chemical 
reaction Dunng molecular collisions, atoms can take up new bond- 
ing arrangements that have more potential energy than either the 
reactants or the products These atomic arrangements have high 
potential energy like the bowling bail at the top of the hill Our 
model, collision theory, suggests there is a potential energy hill or 
bamer between the reactant and product molecuies in a chemical 
reaction in Figure 12-5 we show the distribution curve for the 
kinetic energy of molecular collisions placed next to the potential 
energy hill for a chemical reaction To react, molecules must collide 
with enough energy to assume the high-energy atomic configuration 
represented by the top of the hill With lets energetic collisions, the 
mdeculas do not react Several values are marked on the energy 
distribution curve with dots If molecuiar collisions having those 
energies occurred, the system could reach the corresponding dots on 
the potential energy diagram Quite obviously these colitsions are 
not successful ones 

The energy bamer shows the minimum threshold energy, f 
Chemists have given £ the name activation energy^ The atomic 
configuration at the top of the enetgy barrier is a “molecule" called 
the activated complex. At first, this molecule may seem unusual to 
you It has a very short lifetime and gets nd of its high potential 
energy by breaking apart, forming either the reactants or the products 
Either of these atomic arrangements has less potential energy than 
the activated complex 



munjc 1Z-S 

Compatuon cf kinetic eneigy dism^^ 
wrth activetiofl energy diagram. Onlyaamatt 
hactKin cl motecutes have suffkHem ^ 
energy to reach tfw top of the potential energy 
tnfl 


ProgfmoftheraKtion 
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Figures 12-6 to 12-10 will help you visualize what happens when 
two hydrogen iodide molecules react to form hydrogen and iodine 
Potential energy is plotted vertically and the horizontal direction 
shows the progress of the reaction The position of the dot m each 
of these figures represents the potential energy for the entire system 
The most favorable geometry for these collisions is shown This 
geometry corresponds to the smallest possible value for £ In the 
reaction 

12-6 The Heat of Reaction 

The reaction between HI molecules is endothermic The potential 
energy or heat content of the products, Hj and Ij, is greater than the 
heat content of the reactants Figure 12-11 shows the A// for this 
reaction, 2 4 kcal per mole of hydrogen formed The heat of reaction, 
A//, depends only on the energy difference between the reactants and 
the products of a reaction The heat of the reaction does not depend 
on the height of the activation barner. 


FIGURE 12-6 

The two HI molecules are so far epart they do 
not have any appreciable interactfons The 
potential energy of the system is constant and 
is represented by the dot on the horizontal 
line on the left The HI molecules have kinetic 
energy of translation and rotation 


FIGURE 12-7 

As the molecules get closer to each other, they 
interact and the four atoms begin to take on 
a new arrangement The potential energy of the 
system increases This increase in potential 
energy must be compensated by a decrease in 
kinetic energy of the HI molecules The mole- 
cules slow down If the two molecules are not 
approaching each other with sufficient combined 
energy, they rebound and separate The system 
goes back to the one shown in Figure 12-6, 
However, if the molecules approach with a 
large amount of kinetic energy, the situation 
develops as shown m Figure 12-8. 



Progress of the reaction 



Potantia/ enargy Potential energy Potential energy 
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Activated 

complex 



Progress of the reaction 



FIGURE 12.f 

The molecular coH**Aon involve* enough energy 
to bnng the four ato^n* close enough to form a 
rtew mc(ecute< Hjl; Chemtsis call this molecule 
the activated complex ft is an unusual 
molecule m that it does not exist for very long 
This arrangement of the four atom* has a large 
amount of potertisl energy A large fraction 
of kinetic energy that the HI mdecuies started 
with has been transformed into potential energy 
of the H 2 I 3 nwlecule This molecule can either 
re-form the reactants HI and Hi, Figure 1 2-6, 
or It can form the product molecules, 

H 3 end 21 Go on to Figure 1 2-9 to see this 


FIGURE 12-9 

If the reaction proceeds, two I atoms and one 
Hj molecuie form The high potential energy 
of the ectiveted complex, Hjlj appeM 
as kinetic energy of translation and rotation in 
H 3 and in 2 1 As the products move apart, they 
interact iesa and less. The potential energy 
level on the right is characteristic of two 
hydrogen atoms and two todinc atoms arranged 
as H} and 2 1 The potential energy of the 
system n atili very high because of the 
energy of the two iodine atoms 



FIGURE 12-10 

The iodine atoms have combined to form an 
Kxime motecule The potential energy level on 
the right is charactensbc of two hydrogen 
atoms and two iodine atoms ananged as on* 
Hj moleculs and one la rmriecule This level is 
higher than the initial potential energy level for 
the system Almost all of the kinetic energy 
brought into the colltston is now in the form of 
the translation and rotation of die products. 


Progress of the reaetiop 
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Let's reverse our senes of pictures We can trace the reaction 
between Hj and I 2 by starting with Figure 12-10 and working back 
to Figure 1 2-6. All of the ideas we have been discussing would be 
applicable to this reaction 

H 2 + 2 1 H 2 I 2 (activated complex) 

HjIa^^HI + HI 

iodine molecules dissociate, giving iodine atoms The activated com- 
plex forms if the hydrogen molecule and the two iodine atoms collide 
with enough energy to reach the top of the potential energy barner. 

If we focus our attention on the left half of Figure 12-11, an 
important relation between activation energy and AH is revealed 
The energy arrows show that 

£f = A// + £, 

When two of these quantities are known from expenments, it 1 $ 
easy to calculate the th ird in this example 

2 HI (H 2 I 2 ) H 2 + 2 1 A// « 38 5 kcal 

£p = 43 8kcal 


figure 12-11 


* *,-n flnergy diagram for tha reaction 


Therefore £2 = 43 8 - 38 5 « 5 3 kcal 



12-7 Action of Catalysts 

Many reactions that taka place slowly can be made to take place 
more rapidly by the introduction of other substances These sub- 
stances are called catalysts. They are not used up in the reaction 
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man 12-12 

Activtbon energy dagrun for cetalyzed 
end noneitalyzed neetioni. 


You havi saon sevaiaf oxampfes of catalysis in your iabontory work. 
The reactfop between and Mn 04 '’ is speeded up by addition 
of the catalyst Cupnc ion, Cu^'^, acta as a catat^ for the 
reaction between and (“ tons. 

Let's go back to the fellow trying to roll bowling balis over a hill 
Suppose rain washed away part of the hilltop and somehow made 
a smooth path. The bowler would have an easier time. He would 
not have to work so hard rolling the bowtmg ball to the other side 
of the hill The newly made path, or ravine, offers a low-energy 
route. More bowling balb would get to the other side of the hill in 
a certain period of time Fewer bowling balls would roll back dofwn 
the hill. Of course, the bowlof may occasionally want to see if he 
is stilt strong enough to roll the bowling baM by the first path, over 
the top of the hiil. Both routes are possible. In any case, more 
bowlif^ balls get to the other side of the hKI per unrt of dme. 

We can imagine a similar situatKMi when thinking about cat^ysts. 
Somehow the catalyst provides a "molecular ravine," a tow-energy 
path between the reactants to the products. More partides can get 
over the new tower-energy barrier per unit of time The reaction pro- 
ceeds at a greater rate. The effect of the catalyst on the activation 
energy is shown in Figure 12-12. The catalyzed route has a tower 
activation energy, than the original, noncatalyzed path. The new 
reactmn path corre^nds to a new reaction mechanism. The mote- 
cutes combine with the catalyst to form a different activated cocitolex. 
Notice that the activation energy for the reverse reaction is towered 
exactly the same amount as ^ the forward reectton. A catalyst 
speeds up the reverse reaction just as much as it speeds up the 
forward reaction. Ontheother hand,thevalueof AZ/forthereaetton 
does not change when a catalyst is proent This fact is itfustnatod 
in Figure 12-12. The energy tavets for reactants and t»oduct6 are 
not changed by the catalyst Only the reaetton madianism and the 
actwatton energy change. 
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FIGURE 12-13 

Companson of energy curves for a catalyzed 
and noncataiyzed reaction path A larger frac- 
tion of molecules have sufficient kinetic energy 
to reach the top of the lower potential energy 
hill However, AH does not change 



Before discussing some important chemical reactions, let's look at 
the arrangement of energy diagrams shown in Figure 12-13 The 
curve showing distribution of kinetic energy ancfthe potential energy 
diagram are placed next to each other Two horizontal lines rep- 
resent the activation energy for the catalyzed and noncataiyzed 
reactions The shaded areas indicate the number of molecules 
having kinetic energy greater than £c and £ There are many mole- 
cules having energy greater than £c Only a few molecules have 
energy greater than £. The catalyzed reaction has a higher reaction 
rate than the noncataiyzed reaction 

12*8 Some Reaction Mechanisms 
A. Molecular Inversion 

The reaction between methyl bromide and hydroxide ion is moder- 
ately slow at 25®C. 

CHjBr-hOH'-^CHaOH + Br” 

An increase in hydroxide or methyl bromide concentrations has the 
same effect in speeding up the reaction A collision between one 
hydroxide ion and one methyl bromide molecule is the rate-deter- 
mining step in the reaction The molecular models in Figure 1 2-14 
help us follow the reaction 

Several points are worth mentioning : 

1 The hydroxide ion approaches from one side of the CHsBr 
molecule The bromide ion leaves from the opposite side 
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2 The potential energy of the activated complex is very high. 
The atoms have taken up unstable positions dunng the short 
lifetime of the activated complex 

3. The methyl group has been turned inside out in this reaction, 
like an umbrella in a strong wind This is the reason the reaction 
IS called an inversion. 

This mechanism applies to many reactions One vibrational 
motion of the NHj molecule is an inversion The number of times 
an NHj molecule turns inside out 2 3780 x 10’® times each second, 
1 $ known with high precision This vibration is the basis for very 
precise time measurements. 




H 

V 


B. Cham Reactions 

The reaction between and ij is slow Rate measurements lead 
to a reaction mechanism based on one molecule colliding with 
two 1 atoms You might expect the + Cij reaction to be similar. 

However, we find the reactions are very different The hydrogen and 

FIGURE 12-14 The mechanism and potentoi eneigy diagnKn for the reaction CHaSr 4* OH' ^ CH)OH 4- Br' 


Reactants Aerated ^ockjcts 





Pot^nVat 
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chlorine reaction Is very fast, almost an explosion The reaction can 
be tnggered at room temperature by shining light on a mixture of 
Hj and Clj The mechanism for this reaction appears to be this set 
of steps 


Clj + light \ 
CI + H2- 
H + CI2- 
CI + H 2 - 
H + CI 2 - 


:2C1 
^ HCf + H 

- HCl + Cl 

- HCI + H 

- HCl + Cl 


Many Hj + many Clj many HCl 


One Cl atom sets off a chain reaction, A large number of Hj and Clj 
molecules react almost Instantaneously A large amount of energy 
IS liberated in a very short time The temperature and pressure of 
the system increase rapidly 

There are many important examples of chain reactions in which 
very large molecules can be built m a controlled fashion We will 
discuss some of these in Chapter 18 

C Acid Catalysis 

In all cases of catalysis, the catalyst acts by providing a lower 
energy path for a reaction Without the catalyst these paths would 


FIGURE 1 2-16 Mechanism and activation energy diagram for noncatalyzed decomposition of formic acid 
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not be available Some place, m the new reactfon mechanism, the 
catalyst is regenerated One of the most important catafysti is the 
hydrogen ion, H* 

Consider now the decomposition of formic acid, HCOOH. This 
substance decomposes by two reaction paths We will discuu the 
noncataiyzed path first Figure 12-15 shows how this molecule 
might decompose If the hydrogen atom attached to carbon migrates 
over to the OH group, the carbon-oxygen bond can break to give 
a molecule of water and a molecule of carbon monoxida This 
migration, shown in the center drawing, requires a large amount of 
energy This means there is a high activation energy The reaction 
occurs very slowly 


HCOOH-^CO + HjO 

if sulfunc acid, HjSO^, is added to an aqueous soiuticm of formic 
acid, bubbles of carbon monoxide form rapidly Catatysts also occurs 
if a different acid such as phosphoric acid, H)PO« is used 
Chemists have a rather ci^r picture of how catalyzes the 
decomposition of HCOOH The H"** in the solution makes a new 
reaction path available The new reaction mechanism begins with 
the addition of hydrogen ion to formic acid, as shown in Figure 1 2-1 6. 


FIGURE 12*ie MacharMmaiKiactiwocmeMrgydif^fweetaiy^ 






The catalyst is consumed first, forming the new species, HCOOHj'*' 
In this species one of the carbon-oxygen bonds is weakened With 
only a small expenditure of energy, the next reaction can occur, 
producing HCO"^ and HjO Finally, HCO'^ decomposes to produce 
carbon monoxide, CO, and H*** This last reaction of the sequence 
regenerates the catalyst H'*' 

HCOOH -F H+ HCOOH 2 + 

HCOOH2+ HCO-^ + H2O 

HCO+->CO + H+ 

HCOOH CO -F H 2 O 

Each of the steps in this new reaction mechanism is in agreement 
with the principles that apply to a simple reaction Each reaction 
has an activation energy The overall reaction has a potential 
energy diagram that is merely a composite of the energy curves for 
each reaction. Figure 12-16 shows the reaction and the composite 
potential energy diagram 

D Other Catalysts 

In some reactions, the catalyst is a solid substance on whose 
surface a reactant molecule can be held in a favorable position The 
word adsorption is used to describe the interaction between the 
solid and the molecule When a molecule of another reactant having 
enough energy reaches the same area on the solid, products form 
Metals such as iron, nickel, and platinum act as catalysts for many 
reactions involving gases There is some experimental evidence that 
the bonds in molecules held on the surface of solid catalysts are 
weakened or actually broken The process of adsorption supplies 
energy to the molecular system The bonds formed between the 
catalyst and the reactant release more energy than is required to 
break the bonds in the reactant We can say that the adsorbed mole- 
cule exists in a high energy state The second reactant molecule 
would not have to bring to the collision as much energy as in the 
noncatalyzed system Many more collisions would provide the 
energy needed for reaction 

The substances called enzymes are important catalysts There are 
many enzymes, found in living tissue, that have very specific catalytic 
functions For example, ptyalin in saliva is important for the break- 
down of the large starch molecules in our food This process leads 
to much smaller molecules which can be utilized by body cells 
Pepsin IS another important enzyme It serves as a catalyst for the 
conversion of proteins to simpler molecules It is only in the past 
few years that chemists have been able to establish the molecular 
structure of some enzymes It appears that the catalytic activity may 
reside in a rather small portion of the enzyme molecule 

Biochemistry is the branch of chemistry in which living plants and 
animals are studied The application of chemical principles and an 
understanding of molecular structure have been Important in many 
of the advances made in biochemistry. The rates of reactions and 
the catalysts that speed them up are particularly important 
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A simpie and affective way of understanding the rates of chemical 
reactions is provided by the collision theory. The change from 
reactants to products requires a certain amount of energy, called 
the activation energy Colliding molecules must bung enough 
kinetic energy into a collision to achieve this energy The minimum 
energy is called the activation anergy and the molecular grouping 
temporanly formed is called the activated complex. 

This theory shows that the rate of a reaction can be mcreaiad by 
increasing the number of coliishns per unit time or by mmumg the 
kinetic energy brought to the coiiision 

We can mcrease the number of coliiiions by raising the concen- 
tration or by raising the temperature. 

We can increase the energy brought to the collision by raising the 
temperature. 

A chemicai reaction may proceed by a single step or it may occur 
by several successive steps The detailed set of reactions is called 
the reaction mechanism. The rate of a chemicai reaction is deter- 
mined by the slowest or rate-determining step in the reactimi 
mechanism 

Addition of a catalyst is another effective way to increase the rate 
of a chemical reaction Catalysts alter the reaction mechanism and 
provide a second, iovrer energy path from reactants to products 
Catalysts are regenerated at some point in the reaction mechanism. 
The search for catalysts for chemicai reactions is an important area 
of chemical research Although the function of a catalyst is under- 
stood in some systems, the mechanism is not yet understood m most 
reactions. 


Questions and Problems for Chapter 12 


1 

The rate of movement of an automobile can be ex- 
pressed m the units mites per hour. In what units 
would you discuss the rate of : 

(a) movement of movie film through a prpjert^ 

(b) rotation of a motor shaft; 

(c) gam of attitude; 

(d) consun^nion of milk by a family; 

(a) production of automobiies by an auto assembly 
ptant 


2 

Pick the member of each pair having the greats reac- 
tion rate Assume similar conditions within each pair. 

(a) Iron rusting or copper tarnishing. 

(b) Wax burning or paper burning. 

(c) Evaporation of gamine or evapoiatkin of water^ 

3 

Explain (at the molecular level} why an mcreaee m 
concentration of a reactant may cause an increase in 
rate of reaction. 
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4 

The rate of a gaseous reaction may increase if the total 
pressure is increased State three methods by which 
the pressure of a gaseous system might be increased 

6 

Give two factors that would increase the rate of a re- 
action and explain why these do increase the rate 

6 

Do you expect the equation 

C 2 H 4 {g) + 3 Ojtg) 2 CO^tg) + 2 

to represenf the mechanism by which ethylene, C 2 H 4 , 
burns? Why? 

7 

A group of students is preparing a ten-page directory 
The pages have been printed and are stacked in ten 
piles, page by page The pages must be (1) assembled 
m order, (2) straightened, and (3) stapled in sets. If 
three students work together, each performing a differ- 
ent operation, which might be the rate-controlling 
step ? What would be the effect on the overall rate if 
the first step were changed by ten helpers joining the 
individual assembling the sheets? What if these ten 
helpers joined the student working on the second 
step? The third step? 


Hydrogen peroxide reacts with iodide ion, according 
|o this equation . 

2H+-i-2r + Hi02“-»^2H20-|-l2 
The mechanism often suggested for this reaction is 
H'*' + r -h H 2 O 2 — > HOI + HjO slow 

H+ + r + HOI — > I 2 + H 2 O fast 

lai Satisfy yourself that addition of these two equations 
gives the overall equation 

U How would you expect the rate to be affected if 
the r concentration is doubled? 


9 

Consider two gases A and S in a container at room 
temperature What effect will the following changes 
have on the rate of the reaction between these gases? 

(a) The pressure is doubled 

(b) The number of molecules of gas A is doubled 

(c) The temperature is decreased at constant volume. 


10 

In an important industrial process for producing am- 
monia {the Haber Process), the overall reaction is 

NaCg) + 3 HjCg) 2 NH 3 (g) + 24,000 calones 

A yield of approximately 98% can be obtained at 200^C 
and 1 000 atmospheres of pressure The process makes 
use of a catalyst which is usually finely divided, mixed 
iron oxides containing small amounts of potassium 
oxide, K 2 O, and aluminum oxide, AI 2 O 3 

(a) Is this reaction exothermic or endothermic? 

(b) Suggest a reason for the fact that this reaction is 
generally earned out at a temperature of SOO^’C and 
350 atmospheres in spite of the fact that the yield 
under these circumstances 1 $ only about 30% 

(c) What IS the A// for the reaction in kilocalories per 
moleotNHaCg)? 

(d) How many grams of hydrogen must react to form 
1 .60 moles of ammonia ? 


11 

Describe the life and death of an ordinary, empty water 
glass Utilize the concept "threshold energy " 


12 

Desenbe three situations at home or at school m which 
a minimum or threshold energy must be supplied before 
a "reaction" can take place 


13 

Explain why food kept In a refrigerator does not spoil 
as rapidly as the same type of food left on the kitchen 
counter 
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14 

An increase in temperature of 10°C rarely doubles the 
kinetic energy of particles, and hence the number of 
collisions 1 $ not doubled Yet, this temperature increase 
may be enough to double the rate of a slow reaction 
How can this be explained 7 

16 

In a collision of particles, what is the pnmary factor that 
determines whether a reaction will occur? 

16 

In Figure 12-11, why is kinetic energy decreasing as 
two HI go up the left side of the barrier and why is 
kinetic energy increasing as and 1 ] go down the 
right side ? Explain in terms of conservation of energy 
and also in terms of what is occurring to the vanout 
particies in relation to each other. 

17 

Phosphorus, P 4 , exposed to air bums spontaneously 
to give P 40 ,o, the A// of this reaction is -712 kcai 
per mole P 4 . 

(a) Draw an energy diagram for the net reaction, 
explaining the critical parts of the curve 

(b) How much heat is produced when 12.4 grams of 
phosphorusburn? 

18 

Considenng that so little energy is required to convert 
graphite to diamond (recall Problem 14, Chapter 11), 
how do you account for the great difficulty found in 
the industrial process for accomplishing this? 

19 

Why does a burning match light a candle? 

20 

Draw an energy diagram for the reaction 
C(s) + 0i(g)->C02(g) 

(a) when the C is in large chunks of coal 

(b) Is the ciflve changed if very fine carbon powder 
IS used? 


21 

Sketch a potentmi energy diagram which might repre- 
sent an endothermic reaction Label parts of curve 
representing acttvited complex activation energy, net 
energy absorbed 

22 

Draw potential energy diagrams for two reactions that 
have the same but one reaction it fast and tha 
other IS stow 

23 

Why 1 $ it difficult to “hard-boii'' an egg at the top of 
Pike's Peak ? Is it also difficult to cook scrambled eggs 
there? Explain 

24 

Forthe reaction CO -f- NO, CO 3 NO. the activa- 
tion energy for the forward reaction is known to be 
m 32 kcai/moie 

(a) Calculata A// for the reaction, usmg values from 
Table 11-2, p, 198 

(b) From and A//, calculite£|, the activation energy 
for the raverse reaction 

(c) Draw the potermal energy diagram for this system, 
indicating Ef, £ 1 , end A//. 

26 

Explain why a catalyst increases the rates of chermcal 
reactions the same amount for both the foiwaid and 
reverse reactions 


26 

The reaction of SjOg*" with r is catalyzed by Cu*’^ ions 
Asuggested mechanism involves these steps. 

2Cu’+ + 2r-^2Cu+ + l, 

Cu+ + S,0,’~ CuSO,* + SO.*- 

Cu+ + CuSO.* 2 Cu** + SO,*' 

Add then K^Mdant to show that k not con- 
sumad in tlw ovtnl naetkm. 
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27 

Explain why there is clanger of explosion where a large 
amount of dry, powdered, combustible material is 
produced 

28 

For the reaction of marble, CaC 03 (s), with acid, 
CaCOaCs) + 2 H + Ca^+ + COgCg) + HjO, 

compare the rate of reaction when CaCOaCs) is m the 
form of large marble chips or in the form of a fine dust 

29 

Ra-226 IS a radioactive isotope of radium with a half- 
life of 1 600 years If you wait 1 600 years, half of the 
radium you started with has undergone radioactive 
decay If you wait another 1 600 years, you will have 


only one quarter of the radium you started with (one 
half of one half) 

(a) Construct a graph of amount of Ra-226 as a 
function of time Start with 1 0 gram of Ra-226 
and show the amount after 1600, 3200, 4800, 
and 6400 years 

(b) Use your graph to estimate how much Ra-226 is 
present after one year, after ten years, and after 
2400 years 

30 

One gram of Ra-226 emits 37 X 1 0’® alpha particles 
per second The nuclear reaction can be written 

“gRa — ► ^ijRn + jHe 

Calculate an approximate value for Avogadro's number 
(In 1 600 years, 0 5 gram of Ra-226 disappears. Com- 
pare the number of moles of Ra-226 with the total 
number of alpha particles given off in 1 600 years ) 



Equilibrium 
In Chemical Reactions 
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In the last chapter the rate of the reaction 2 HI H, 4- Ij was 
discussed Then later in the chapter the rate of the reverse reaction 
H 2 + I 2 — ^ 2 HI was considered The rate of these gas phase re- 
actions can be determined easily because iodine is the only colored 
substance present In the first reaction, the purple color of iodine 
vapor becomes more Intense as the reaction proceec^ , in the second 
reaction, the color decreases in intensity as the reaction takas piece 
The discussion was limited to the initial phase of each reaction, where 
the amount of reaction was so small that the concentratiorw of the 
reactants could be considered constant 
in this chapter these and other reactions will be considered over 
longer periods of time. By direct observation of the color of iodine 
vapor, the 2 HI + Ij reaction can be followed The la con- 
centration changes rapidly at first, but soon the color no longer 
changes Figures 13-1 and 13-2 represent schematicafly what 
happens in each reaction. When obsenrable changes no longer occur 
tn the reacting chemical system, the system is in a state of equilib- 
rium. The equilibrium situation raises many interesting questions. 
How is equilibnum recognized? What is the molecular behavior 
when a state of equilibnum is reached? What factors change the 
state of equiiibdum ? In this chapter we shall seek answers to these 
questions 


QUALITATIVE ASPECTS OF EQUIUBRIUM 
13-1 Recognizing Equilibrium 

We have encountered equilibnum earlief in this course. When phase 
changes were discussed in Chapter 5, the liquid-gas equilibnum that 
fixes the vapor pressure of a liquid was considered. In Chapter 6, 
the solubility of a solid in a liquid was interpreted as an equilibrium 
situation How is equilibrium recognized? Several experiments will 
help answer this question. 

Experiment 1 

When liquid water is placed in an evacuated flask at 25**C, ^ 
changes in gas prKsure can be easily followed as some of the water 



FIGURE 13-1 

Thi chanfljt of color iminMty for the 
l•iCUon2HI{8>->H2(B)4■l^te) 



FIGURE 13-2 

The ciiaiiott of color iniaiiiity lor die 
reaction Hjfy) -f laCc) 2 Hlfe). 



228 



Upon addition, solid /j 
begins to dissolve 



For a time it 
continues to dissolve 



iventualfy, no further changes 
EquIIibnum exists. 


FIGURE 13-3 

Iodine dissolving In a stirred mixture of 
H2CMIcohof> Equitibnum is recognized 
constant cofor of the solution 


evaporates At first the pressure increases, but when it reaches 
23 8 mm, the pressure remains constant as tong as the temperature 
IS constant Since no further change in the system is observed, 
the system ts said to be at equilibrium 

Experiment 2 

If solid iodine is added to a water-alcohol mixture, a reddish color 
appears very quickly in the solution near the crystals Iodine is 
dissolving. After a short while, no further change can be observed 
The color of the solution stays constant, and the mass of the iodine 
crystals no longer changes as long as the temperature is constant 
The system has reached a state of equilibrium This experiment is 
shown in Figure 13-3 

Experiment 3 

Fill two glass bulbs with nitrogen dioxide gas, at the same pressure, 
Place the first bulb in an ice bath and the second in boiling water. 
Figure 13-4 shows what is observed when equilibnum is established 
in each bulb. The gas in the bulb at 0®C is almost colorless The gas 
in the second bulb, at 100*^0, is reddish-brown Other experiments 
show that most of the molecules in the colder bulb have the formula 
N 2 O 4 Since the gas is almost colorless, N 2 O 4 must not absorb visible 
light On the other hand, expenments show that most of the mole- 
cules in the warmer bulb have the formula NO 2 Since the gas is 
reddish-brown In color, NO 2 must absorb visible light When these 
bulbs are moved to a water bath at 25‘’C, the color of the gas changes 
Figure 13-5 illustrates what happens The color in bulb 1 deepens 
A chemical change is occurring 

bulbl N 2 O 4 2 NO 2 

colorless reddish-brown 

During the same time interval, the color in bulb 2 fades A chemical 
change is taking place in this bulb also. 

bulb 2 N 2 O 4 2NO2 

colorless reddish-brown 

The gas color in the two bulbs becomes identical when they reach 
the same temperature No further color changes occur A new state 
of equilibrium has been established in each bulb 
What factors do these three experiments have in common? Are 
there similarities that help us recognize equilibrium? Yes, here is a 
list 

1 Equilibnum occurs only when a uniform temperature is 
mamtamed 

2 After the experiment was started, no substances were added 
to or taken from the system Such a system is called a closed 
system. 





3 In each experiment, soma easily meaiureo property, sucn as 
pressure or color, changes with time and then reaches a con^ 
stant value There are no further changes m the system 

We can put these observations together in one generalization 

For a closed system at a uniform temperature, equdtbfwm 
IS recognized by the constant properties of the system 



HQURE 13-4 

The equilibrium reaction N 2 O 4 ^ 2 NOj 
«t(r«Kl100“C. 


FtQURE 13-B 

The equihfanum reaction N 2 O 4 2 NO 2 
•t28“C. 
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FIGURE 13-6 

Equilibnum vapor pressure is a dynamic balance 
between evaporation and condensation 




FIGURE 13-7 

Equilibrium solubility is a dynamic balance 
between dissolving and crystallizing 


13-2 The Dynamic Nature of Equilibrium 

The Kinetic Theory led us to think of the evaporation of a liquid in 
terms of molecular behavior Figure 1 3-6 shows schematically how 
equilibrium is established when water evaporates in a closed system. 
The size of each arrow indicates the rate at which molecules leave 
or return to the liquid. At first the gas pressure increases as the num- 
ber of molecules in the gas phase increases Soon the pressure 
reaches a constant value The number of molecules entering the gas 
phase each second is the same as the number returning to the liquid 
Equilibrium is reached when there is a dynamic balance between 
evaporation and condensation At equilibrium, molecules continue 
to move back and forth between the two phases Evaporation and 
condensation occur at the same rate 

The same explanation helps us understand how equilibrium is 
established when a crystal of iodine dissolves Molecular vibration 
tends to dislodge a molecule from the surface of the crystal The 
molecule is now free to move throughout the solvent At first the 
rate at which molecules leave the crystal is much greater than the 
rate of their return As the number of moleculeSLin solution increases, 
the chance that a molecule will return to the crystal increases. This 
means that the rate at which molecules return to the crystal increases 
Soon a balance between these rates is reached Solubility equilib- 
rium IS established Molecules leave the crystal and return to it at 
the same rate Figure 13-7 shows schematically what takes place in 
solubility equilibrium 

Now look at the N 2 OX-NO 2 system again In Figure 13-8, a 
molecular view of the N 20 r*N 02 equilibrium Is presented in sche- 
matic form Each molecule of NO 2 is represented by a solid blue 
circle and each molecule of N 2 O 4 is shown by two circles joined 
together The color of the system at equilibrium is suggested by the 
drawing The relative concentration for each gas is shown in the 
right-hand drawings where the labeled pieces are proportional to the 
number of molecules m the figure. 

In the equations, arrows of equal length indicate that the system 
has reached a state of equilibrium. Throughout this discussion, the 




rate of a reaction will be indicated by the length of the arrow At OrC, 
short arrows emphasize that both rates of reaction are low At 
100"C, long arrows indicate that the rates of reaction are high If 
both bulbs are transferred to a 25'’C water bath, the reddish-brown 
color in bulb 1 becomes more intense Chemical reaction it occumng 
to produce a higher concentration of NO; On the other hand the 
color m bulb 2 fades rapidly Chemical reaction takes place to pro- 
duce a lower concentration of reddish-brown NO^ How can these 
results be explained 7 

Raising the temperature increases the rate of a chemical reaction 
Both the forward and the reverse reactions speed up when the tem- 
perature is changed from 0*C to 25*C The fact that the color becomes 
more intense means that, initially, the rate of the foiward reaction t$ 
increased more by the temperature change than ts the rate of the 
reverse reaction 


NA 2NO3 
coiortsss rsddish-bmwn 

The net concentration of NO^ increases Now there will be more 
collisions between NO 2 molecules This causes the rate of the re- 
verse reaction to increase. Soon forward and reverse reaction rates 
are equal once more. The rates are greater than they were at 0*C. 
Equiiibnum 1 $ established again 





r- 0 "C 



I* ioo»c 


FMURE 13-« 

TheinoteculafviflwoftlwNiO^ 2NO2 
6(|U)libdumit(rCand100*C. 
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What happens in bulb 2 when the temperature is lowered from 
1 OO'C to 25'C > Both the forward and the reverse reactions m bulb 2 
slow down The fact that the color becomes less intense must mean 
that the rate of the forward reaction is decreased more by the tem- 
perature change than is the rate of the reverse reaction 

N2O4 2NO2 
colorless reddish-brown 

The net concentration of NO 2 decreases As before, the rates of 
forward and reverse reactions soon become equal and a new state 
of equilibrium is reached Figure 1 3-9 shows the situation in either 
bplb m the 25'*C water bath 

These examples demonstrate that at the molecular level, equilib- 
rium systems are dynamic, not static Molecules interact continually, 
changing back and forth from one species to another The equahty 
between the rates of the forward and reverse reactions gives the 
constant properties which we can observe and measure 

ALTERING THE STATE OF EQUILIBRIUM 

The concentration of NO 2 at equilibrium can be changed easily 
Raising the temperature increases the NO 2 concentration Lowering 
the temperature decreases the NOj concentration What other fac- 
tors might alter the relative concentrations of reactants and products 
at equilibrium? In the experiments discussed in Section 13-2, 
a state of equilibrium is reached when the rates of opposing 
reactions become equal Therefore, any factor that changes the rate 
of one of the reactions involved in the equilibrium may affect the 
relative concentrations of reactants and products 
In Chapter 12 we saw that concentration, temperature, pressure, 
and the presence of a catalyst are factors that affect the rate of a 
reaction Do these also affect the state of equilibrium ? Additional 
examples will help us decide if there is a regularity 


FIGURE 13-9 

The molecular view of the N 2 O 4 ^ 2 NO 2 
equflibnum at 
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AFTER tddmg mon SCN 



FIGURE 1S-10 

Thf mo)«cui«r y)tw of tht 

f SCN' FtSCN**iquriibnom. 


t3«3 £ff«ct of Concantratloit Ciiing«f 

In Expenment 29, you studied the reaction between feme ion and 
thiocyanate ion. The product of the reaction is an ion which has a 
deep red color. The equilibrium reaction is represented by the 
equation 

Fe^-^ + SCN' FeSCN*"' 

light yeiiow colorless deep red 

Since the FeSCN^'*' ion is the only highly colored species m the 
system, the red color of the solution is a direct measure of its con- 
centration The color of the solution allows us to follow changes in 
the equilibrium state What happens when crystals of NH4SCN are 
added to the equitibnum system? The SCN' concentration goes up 
as the crystals dissolve Moreover, the red color of the solution 
deepens The FeSCN’’*' concentration has increased too A new 
state of equilibrium is attained 

In the onginal equilibrium, the rate of the reaction between Fe^"^ 
and SCN" is equal to the rate of dissociation of FeSCN*^ When 
NH 4 SCN crystals are added, the concentration of SCN' increases. 
Because of this the number of collisions between Fe’*^ and SCN" 
goes up The rate of the forward reaction increases Then, as more 
FeSCN*'*' ions form, the rate of the reverse reaction increases too. A 
new state of equilibrium is achieved, with SCN" and FeSCN*^ 
concentrations higher than in the initial equilibrium These changes 
can occur only if the Fe®”^ concentration decreases The schematic 
diagram in Figure 13-tO illustrates what happens The arrows are 
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longer m the second diagram, indicating that the rates of the reactions 
are larger than those represented m the first diagram However, 
for each system the rates are equal Each system is at equilibrium 


EXERCISE 13-1 

Sodium chromate, Na2Cr04, dissolves in water to give a yellow solu- 
tion Sodium dichromate, Na2Cr207, dissolves in water to give an 
orange solution In either reaction, the equilibrium equation is 

2 CrOr + 2 H + Ct 207 ^- + H^O 

a. What would happen if you added hydrochloric acid to a solution 
of sodium chromate? 

b What would happen if you added CrjOj^” to the solution in 
part a? 


1 3-4 Effect of Temperature Changes 

It was shown in Section 13-2 that the concentrations of N2O4 and 
NO2 at equilibrium are affected by temperature changes Calonmetnc 
measurements show that the decomposition of N2O4 is endothermic 
We can include the heat energy in the equilibrium equation 

N 204 -f 141kcai:^=?::2N02 

When energy 1$ added, the equilibrium system is subjected to a 
change We observe that the reddish-brown color deepens This 
color change means more NO2 molecules form Not all of the energy 
added to the system causes a temperature rise Some of the energy 
IS absorbed by N2O4 molecules Some of the energy breaks chemical 
bonds instead of raising the temperature 


EXERCISE 13-2 

How would the addition of more energy affect the amount of NH3 at 
equilibrium in this reaction ? 

NaCg) + 3 H2(g) 2 NH3(g) + 22 kcal 


13-5 Effect of Pressure Changes 

In Section 13-3 the effect of changing the concentration of one 
component in an equilibrium system was discussed. What would 
happen if the concentrations of all components were altered ? This 
can most easily be done with a gas phase equilibrium by changing 
the volume of the system The N2O4-NO2 equilibrium can be our 
example 


N204(g)5:^2N02(g) 



A sudden decrease tn volume by a factor of two doubles the partial 
pressure of each gas We might expect the color of the gases to 
deepen because the molecules are crowded closer together When 
this experiment is carried out the gas i$ darker m color for a moment 
But then the reddish-brown color of NOj diminishes somewhat and 
becomes constant At equilibrium, the system is tighter in color than 
It was immediately after the pressure increase This reduction in 
color means that the concentration of NO} has decreased The 
balanced equation tells us that two moles of NO} must react to form 
one mole of N 2 O 4 There are fewer molecules per liter, producing 
less gas pressure The total pressure in the system decreasit as 
N 2 O 4 forms We tried to raise the pressure by decreasing the voiuma 
Chemical reaction occurred m the system so that the total number 
of molecules decreased At equilibrium the pressure is then not quite 
as large as the volume change alone would have made it Neither is 
the color as dark as that produced by the initial pressure increase 
A change in pressure does not always affect an equilibnum state. 
Look at the H 2 -I}-HI equilibnum once more 

H} + 1} 2HI 

Decreasing the volume increases the partial pressure of each gas 
However, the moles of 1} do not change. The total pressure is 
not relieved fay chemicai change whether reactants form more 
products Of products form more reactants The total number of mole< 
cules stays the same dunng chemical change In this system 


EXERCISE 13-3 

What happens in these gas phase equilibria if the volume of each 
system is increased by a factor of two? 

PCl3(g) + Cl}(g):?±PCl5(g) 

2N0{g);^N}{g) + 0}{g) 

4 NHalg) + 5 0}(g) ^ 4 NO(g) 6 H}0(g) 


1 3-6 Effect of a Catalyst on Equilibrium 

You have seen in your laboratory work that Cu*'*' functions as a 
catalyst, increasing the rate of reaction between r and In 

Section 1 2-8, other examples of catalysts were discussed Chemists 
have found tn many different experiments that addition of a catalyst 
has no effect on the equilibrium concentrations of reactants or 
products At first this may be surprising However, if you had 
determined product concentrations tn the reaction, with 

and without a catalyst, you would have found the equilibrium states 
were the same. Why is this? look back at Figure 12-8, page 215. 
which shows the activation energy diagram for a catalyzed reaction. 
A catalyst speeds up a reaction by providing a low-energy reaction 
path from reactants to products. At the same time this low-energy 
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path becomes available for the reverse reaction Both the forward 
and the reverse reaction rates increase by the same amount Because 
of this situation, a catalyst produces no net change m the equilibrium 
system The system reaches equilibrium much more rapidly when a 
catalyst is present but the equilibrium concentrations of reactants 
and products are not changed 

1 3-7 Le Chatelier's Principle * A Regularity 

We have seen that equilibrium is attained in a chemical system when 
the rates of opposing reactions become equal Anything that 
changes the rate of either reaction in the equilibrium system may 
affect the equilibrium concentrations A regularity first proposed by 
a French chemist, Henry Louis Le Chatelier, helps us to predict 
whether the concentrations of reactants or products are favored 
by some change. 

Le Chatelier studied the effects in a large number of chemical 
equilibria when temperature, pressure, or concentration were altered 
The regularity that he proposed can be stated this way 

If a dosed system at equilibrium is subjected to a change, 
processes occur that tend to counteract that change 

This generalization has been found to be applicable to such a large 
number of systems that it is now called Le Chatelier's Principle. 
Table 13-1 summarizes the different systems we have discussed 


TABLE 13-1 

An Important Regularity, Le Chatelier's Principle 


Reaction 

Change 

Reaction Behavior 

Final Result 

Fe’+ + SCN" : 5 ± FeSCN’+ 

Add SCN" 

The concentration of FeSCN^"^ 
increases, using up some Fe^"*" 
and some SCN“ 

New equilibrium concentra- 
tion for SCN“ IS lower than 
the sum of original plus 
added concentration 

N 3 O 4 +I 4 I kcal5±2N02 

Add heat energy. 

Color of gas darkens Some 
N 2 O 4 decomposes to NOj, ab- 
sorbing energy 

New equilibrium temperature 
IS lower than expect^ 

N 204 (g) 5 ± 2 N 0 j(g) 

Increase pressure 
by reducing vol- 
ume 

Color of gas darkens then fades 
slightly Some N O 2 forms N 2 O 4 
Total number of molecules de- 
creases 

New equilibrium pressure is 
lower than expected from 
the volume change 

H 2 (g) + i 2 (g)^i=: 2 Hl{g) 

Increase pressure 
by reducing vol- 
ume. 

Both rates increase equally 
Total number of molecules is 
constant 

New equilibrium pressure 1 $ 
the pressure expected for the 
volume change 

Any reaction at equilibrium 

Add catalyst 

Equilibrium state remains the 
same but is reached more 
rapidly 

A catalyst does not affect 
equilibrium concentrations 
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APPLICATION OF EQUILIBRIUM 

1 3-8 The Synthesis of Ammonia by the Haber Process 

The principles we have been discussing can be applied to some 
large-scale industrial processes Fixed nitrogen is nitrogen m 
chemical compounds rather than nitrogen that is in the form of the 
element, Nj There is an almost inexhaustible supply of N, in the 
atmosphere However, Nj has very low chemical activity 
In 1 898 nearly two thirds of the world's supply of fixed nitrogen 
came from nitrate deposits in Chile Huge as the Chilean nitrate 
deposits were, scientists predicted that the world's requirement of 
nitrogen compounds for fertilizers and for explosives would soon 
exceed the supply It was essential that an economical method be 
developed to convert atmospheric nitrogen into a compound such 
as NH 3 or NO 2 Fritz Haber, a German scientist, successfully developed 
a process by which atmospheric nitrogen 1 $ converted into ammonia 

N2 + 3H2:;±2NH3^22kcal 

Can we predict the best conditions for a high yield of ammonia ^ 

The formation of NH 3 represents a decrease in total motes of gas 
from 4 moles to 2 moles Therefore, we know from Le Chatelier's 
Principle that high pressure would increase the relattve amount of 
NH 3 at equilibrium The reaction to form NH 3 is exothermic From 
Le Chatelier's Principle we can readily see that a high temperature 
favors the decomposition of NH 3 Low temperature favors formation 
ofNHa 

But are these conditions practical ? Reaction rates are low at low 
temperatures A compromise is needed Low temperature favors 
NH 3 formation High temperature is necessary for a sati^actory 
reaction rate The compromise used for the industrial process in- 
volves an intermediate temperature near 500®C Even then the 
success of the process depends upon the presence of a suitable 
catalyst to achieve a reasonable reaction rate 
Another compromise is needed in deciding on the pressure con- 
ditions It IS expensive to build high-pressure equipment A pressure 
of about 350 atmospheres is used Yet with these conditions, 

350 atmospheres and BOO^C, only about 30% of the reactants are 
converted to NH 3 Ammonia is removed from the mixture by liquefy- 
ing It under conditions at which N 2 and H 2 remain gases The 
unreacted N 2 and are then recycled until the conversion to NH 3 
IS very high 

Almost all of the nitrogen compounds that are used today are 
derived from NHj made by the Haber Process 

13-9 Production of Diamonds from Graphite p,odu<stm, 1965 

Chemists have recognized since 1880 the conditions rweded to 5 Tons mined 
convert graphite to diamond In 1855 this conversion was accom- 0 5 Ton man- made 
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ptished Now synthetic diamonds are made for industrial use The 
equilibrium that we must consider can be written 

C (graphite) + 0 45 Real C (diamond) 


1 inch 

Synthetic diamonds 
about 1 carat 



The density of diamond is greater than the density of graphite This 
means the molar volume of diamond is less than the molar volume 
of graphite Therefore, high pressure would favor formation of 
diamond Since the reaction is endothermic, high temperature would 
increase the amount of diamond produced At the present stage of 
development, the commercial production of diamond requires tem- 
peratures near 2000'*C and pressures in the range of 50,000 to 
1 00,000 atmospheres Even at these conditions catalysts are needed 
to obtain a useful rate Metals such as chromium, iron, and platinum 
serve as catalysts Although diamonds formed by this process are 
not gemlike in appearance, they are very valuable Because of their 
hardness, these synthetic diamonds are widely used in cutting and 
grinding operations 


'quantitative aspects of equilibrium 

13>10 The Equilibrium Constant 
In the laboratory you studied the reaction 

Fe’+ -f SCN" FeSCN^^ 

From the red color of the solution you estimated the concentration 
of FeSCN^’*’ We will use square brackets to mean concentration 
For example, [FeSCN^"*"] is the chemist's shorthand way of saying 
"the concentration of FeSCN^'*' in moles per liter" After calculating 
values for [Fe®'*'] and [SCN~], you combined these three concen- 
tration terms in various ways and found that the ratio 

[FeSCN^I 
[Fe'+] X [SCN-] 

was approximately constant Look back at the equilibrium reaction 
You can’ see that the concentration of the product, FeSCN^’’", appears 
in the numerator The concentrations of the reactants are multiplied, 
[Fe^*''] X [SCN"], and are placed in the denominator Arranging 
the concentrations this way gives a constant Even though the con- 
centrations of these species may vary a great deal, this ratio does not 
vary appreciably as long as the temperature is held constant You 
may have wondered why the reciprocal of the ratio was not used It 
too gives a constant The decision was a matter of choice, Chemists 
have agreed to use the ratio with concentrations of products in the 
numerator and with concentrations of reactants in the denominator. 

Accurate data on the H 2 -I 2 -HI system at equilibrium is shown in 
Table 13-2 Concentration units are moles per liter These data can 



be used to calculate values for vaooui comb(natK)ns of concen- 
trations found at equilibrium in the system 
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2HI(g) ?± H,(g) -r l,(g) 

The results are shown in Table 1 3-3 One combination of terms does 
not give constant values The other set gives very good resutts 


TABLE 13-2 

Equilibrium Concentrations for 
HI, Hj.andl2at700“K 


Experiment 
Number i 

[HI] 

1 

[HJ 

1 [IJ 

1 

1 

177 X 10"’ 

1 83 X 10"’ 

1 313X10"’ 

2 

168 XlO"* 

291 XIO"’ 

1.71 X 10"’ 

3 

135 XiO"’ 

466X10"’ 

i 0.74 X 10"’ 

4 

363 X 10"’ 

048 X 10"’ 

048 X 10"* 

5 1 

841 xIO"’ 

1 14 X 10"’ 

X 

O 

el 


Values in experiments 1, 2, 3 were obtained by heating and V 
Values in expenments 4 and 5 were obtained by heating HI. 


TABLE 13-3 

Values for Various RatKis for 
Data HI Table 13-2 


Experiment i 
Number 

[HJ[IJ 

[HI] 

: [Hj[ij 

W 

[Hj[ij 

IFhIT 

1 

3 24 X 10'* 

183 X 10"’ 

1.62x10"* 

2 

302 X 10"* : 

1 83 X 10"’ 

1.51 X 10"* 

3 

250 X 10"* 

1 85 X 10"’ 

1 26 X 10"* 

4 

065X10"* 

1 85 X 10"’ 

032X10"* 

5 

1 55 X 10"* 

1 84 X 10"’ 

077 X 10"* 


Ratio 

Ratio 

Ratio 


Not Constant 

Constant 

Not Constant 


We can write 


[HI? 


a constant = 1 84 X 10"’ (at TOO^IC) 


This ratio is the product of the equtlibnum concentrations of hydrogen 
and iodine, the substances produced in the reaction 


[HJ X [IJ 
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drvKJtd by square of the concentration of the reacting substance 
[HI]’ 


In this ratio the povver to which we raise the concentration of each 
substance is equal to its coefficient m the balanced chemical equa- 
tion Perhaps this may be clearer to you if we wrote the chemical 
equation in a slightly different way 

HI HI - I 2 

Then our constant ratio has the form 

[HJP2] [H^iy 

[H1][HI]~ [HI]’ 


13-11 The Uw of Chemical Equilibrium 

These observations and many others like them lead to the general- 
ization known as the law of Chemical Equilibrium. Consider the 
reaction 

a^ -f bB eB + fF 


When equilibnum is established, a simple relation always exists 
between the concentrations of products, [£] and [f], and the 
concentrations of reactants, [A] and [£]. 


[BY [py 
[AY [BY 


K ^ a constant 


Some more examples may help. Table 13-4 lists some chemical 
reactions. The equilibrium law expression is given for each reaction. 


TABLE 13-4 

Some Equilibrium Constants 


Beactkm 

1 Equilibrium law Expression 

K, at Stated Temperature 

AB‘^ + 2NH,5iAg(NH,),+ 

i . [Ag(NH,),+] 

{Ag1[NHj= 

1.7x1(P at25'C 

NA(8)5i2N0,(g) 

. [N0,]= 

■ [NAl 

8.3 X 10-' 3t BS'C 

2HI(g)5±H,{g) + l,( 9 ) 

K 

(HIP 

1.84x10'^at423°C 

HS0r3±H* + S0/- 

i . ^ (H1[S0/-] 

[Hsorl 

1.3 X 10-" at 25-0 

CHjCOOH + CHjCOO' 

„ _ [HKCHjCOO-] 
fCHjCOOH] 

1.8 X 10-=at25°C 

1 

1 - 



241 


There are several points in this table that should be emphasized 
First, K may be a large number It may be a small number Only 
through experiments can we know the numerical value for K Second 
each substance must be present at equilibrium If this condition 
were not satisfied, one of the concentration terms in the expression 
for the equilibrium constant would be equal to zero K may be small 
but It IS never equal to zero. 

What does the numerical value for K tell us ^ If ^ is large, either 
the numerator in the equilibrium expression must be large or the 
denominator must be small. Either way, at equilibrium there is a high 
concentration of products relative to reactants. A small value for K 
means the opposite. At equilibrium there is a high concentration of 
reactants relative to products. Whenever vou see a numerical value 
for an equilibrium constant, K, think of it this way 

A large value for K means products are favored. 

A small value for K means reactants are favored 

For the reaction 


+0H- 

the equilibrium expression would be written 

„ [HI [OH-] 

[H,0] 

The very low conductivity of water provides evidence that only a 
small fraction of the water molecules form ions Thus the concen- 
tration of water has essentially a constant value fixed by its density 
and molar mass. It is convenient to combine K and [HjO] to defirte 
a new constant, K^. 

= [Hi [OH"] = X X [HjO] 

Convince yourself that the concentration of water is approximately 
constant by completing Exercise 13-4. 


EXERCISE 13-4 

a. Water has a density of one gram per milliliter. Calculate the 
concentration of water in moles per liter in pure water. 

b. Now calculate the concentration of water In 0.10 M aqueous 
solution of acetic acid, CH 3 COOH, assuming each molecule of 
CH 3 COOH occupies the same volume as one molecule of H 2 O. 


The same kind of argument applies to the reaction 
Cu(s) + 2 Ag’- 2 Ag(s) + Cu*+ 
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Chtmiits have found it convenient to write the equilibrium law ex- 
pression this way 


You might have expected the expression 

The concentration terms for solid Cu and solid Ag are combined 
with the equilibrium constant K' somewhat as the concentration of 
HjO “disappeared" in the previous example. The concentration of 
a solid is fixed by its density. As long as the temperature and pressure 
are kept constant the concentration of a solid does not change. 

Whenever an equilibrium system includes water or a solid like Cu 
or Ag, concentration terms for these substances do not appear in the 
equilibrium law expression. Some additional examples are given in 
Table 13-5. 


TABLE 13-B 

More Equilibrium Constants 


Reaction 

Equilibrium Expression 

KatlB^C 

Cu(s) + 2 Ag+ 2 Ag(s) + Cu’+ 

„ [Cu’T 
[Ag+]* 

2 XIO” 

Cu(8) + Cu’+5±2Cu+ 

[Cu*+] 

1 XiO"* 

AflCI(s) 5±Ag+ + Cr 

/f, = [Ag+3[cr] 

1.7X10"" 

H,05± H++OH- 

= [H+3[OH“] 

1.0x10"'* 

Agl(s) Ag'^ + r 

/f,-[Ag+][r] 

8.5 X 10"”' 


EQUIUBRIUM CALCUUTIONS 
13-12 The Solubility Product, ITq, 

When silver chlofide dissolves in water, silver ions, Ag*^, and chloride 
ions, Cr, are found in the solution in equilibrium with the solid AgCi. 
The concentrations of these species, Ag*^ and Ci~ are the ones which 
fix the equilibrium solubility. The equilibrium equation which repre- 
sents AgCI dissolving in wat^ is 

AgCI(s):5i±Ag'"-hCr 

The equilibrium expression has the form 


«■. = [Aaltci-] 



For lead chloride. PbCI}. we write 
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PbCi,(s):^Pb»" ^^2Ci" 

^ - iPb^Kcr]' 

Solubility equilibrium expressions are given i special name, the 
solubility product. The symbol is used. A low vekie of 
means the concentrations of ions ere low, at equilibnum. Conse- 
quently, a low value for must mean that the sdubHity is very 
low. Some values are given in Table 1 3-6 


TABLE 13-6 

Some SolubUfty Products at 25”C 


Compound 

AT, 

Compound 

'f. 

AgCi 

1.7 X 10-" 

SrCf04 

3.6 X 10-‘ 

AgBr 

5.0 X lO"” 

BaCrOi 

8.5 X 10'" 

Agl 

8.5 X 10-’' 

PbCr04 

2 XIO-" 

AgBr 03 

5.4 X 10'^ 



Agio, 

3.1 X 10-' 

CaS04 

2.4 X 10-’ 



SrS 04 

7.6 X 10-' 



PbS04 

1.3 X 10"* 



BaS 04 

1.5 X 10-^ 



RaSOi 

4 XlO'" 


EXERCISE 13-5 

Write the equation for the dissolving of calcium sulfate, CaS 04 . 
Write the solubility product expression. 


EXERCISE 13-6 

Write the equation for the dissolving of silver chromate, Ag 2 Cr 04 . 
Write the solubility product expression. Silver chromate dissol^ to 
give Ag"^ and CrO/" ions. 


EXERCISE 13-7 

Compare the values for AgCl, AgBr, and Agf. Which of these 
compounds is most soluble in water? Which is least soluble? 


13-13 Calculation of the Solubility of Silver Chlorida in 
Water 

Suppose we wish to know how much AgCI will dissolve in one liter 
of water at 25®C. Find the nurrmrical value of in Table 13-6. 

= tAgItcr] 1.7 X 10-" 



Silver chloride dissolves until the concentration of silver ions and 
chloride ions increases enough to make their product equal to 
1 7 < 10 

We can designate the solubility of AgC! in water by the symbol, s. 
This symbol, s. equals the number of moles of solid AgCI that dis- 
solve to make one liter of saturated solution. If s moles of AgCI 
dissolve, s moles of Ag" and s moles of Cr are produced m one liter. 

[Ag*] ^ [Cr] - s moles/liter 

Substituting into the expression we can calculate the value for s, 
the solubility of AgCI 

[Ag1[cr] = 5xs 

- 5^ - 1.7 X 10“’° 

s = \ 1 7 X 10“’° = 1.3 X 10“^ mole/liter 

AgCI IS not very soluble. Only 0.00001 3 mole of AgCI is contained 
in one liter of its saturated solution at 25'^C. 


EXERCISE 13-8 

Calculate the solubility, in moles per liter, of calcium sulfate in water, 
using the solubility product given in Table 13-6. 


1 3-14 Will a Precipitate Form ? 

When two solutions are mixed, a precipitate may form. For example, 
suppose solutions of caicium chloride, CaCij, and sodium sulfate, 
Na 2 S 04 , are mixed. The mixture contains both calcium ions, Ca^*^, 
and sulfate ions, SO/“. The solubility product permits us to predict 
whether solid calcium sulfate will form. Consider two examples to 
show how the predictbn is made : 

Example 1. Equal volumes of 0.02 M CaClj and 0.0004 M 
N 32 SO 4 are mixed. 

Example 2. Equal volumes of 0.08 M CaCij and 0.02 M Na 2 S 04 
are mixed. Will a precipitate form in either 
example? 

First we must write the b^anced equation for the reaction of 
calcium sulfate dissolving in water and then use the equilibrium 
expression : 


CaS 04 (s) Ca*-^ -F S 04 *“ 
= [Ca>^[SO;-] 
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The next step is to find the concentration of each ton m the fmal 
mixture, After equal volumes of each solution are mixed, each lon 
IS present in twice as much solution The final ionic concentration 
IS only half as great as before mixing 

002 Af 

Example 1. [Ca^ ] — — « 001 Al 1 ^ 10 

(SO,’ ] - ^ 00002 M 2 • 10 ‘W 

A trial value of the ion product must be compared to 

[Ca' ] . [S0;~] - (1 ^ 10~’) (2 * 10 *) 

- 2 / 10’'^ 

The trial product, 2 / 10“‘, is less than 2,4 y 10“’ Precipe 
itathn will not occur in Example 1. 

0 08 Af 

Example 2. [Ca’*] = M ^ A y 10"’ M 

[S0,’1 = = 001 M . 1 X 10 ’ W 

Again we calculate the trial value of the »on product. 

[Ca’1 X [SOD - (4 X 10“’) X (1 X 10“’) 

- 4 X 10““* 

This time the trial product, 4 / 10"*, is greater than 2.4 x 10"’. 
A precipitate will form Solid CaSO* will continue to form until 
values of [Ca’“] and [S 04 ’“] become low enough that the ion 
product equals Then equilibrium exists and the rate of dissolving 
equals the rate of precipitation 


EXERCISE 13-9 

A 50 ml volume of 0.04 M CatNO^ja solution is added to 150 ml of 
0.008 M (NH 4 ) 2 S 04 solution. Show that a trial value of the ion 
product for calcium sulfate is 6 x 10"’. Will a precipitate form ? 


13-15 The Factors Which Determine Equilibrium 

Why does one reaction favor reactants and another reaction favor 
products ? What factors cause sodium chloride to have a large soiu* 
bility in water and silver chloride to have a low solubility ? Why does 
equilibrium favor the reaction of oxygen with iron to form Fe 203 but 
not the reaction of oxygen with gold ^ As scientists, we cannot help 
wondering what factors determine the conditions at equilibrium. 
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FIflURE 13-11 

Golf btNi rollirig on tht floor of 
I ftflion wraoon. 



Th w is the activity of science we called "wondering why." Perhaps 
looking at a familiar situation will help us find an explanation. 
Figure 13-11 shows a statbn wagon being driven down a smooth 
raid. A golf bag has been thrown into the rear of the station wagon. 
Unfortunately* the ball pocket is open. All of the golf bails have 
spilled out onto the floor of the station wagon. Because the floor 
has a step in it* the gdf bails on the upper level possess some poten- 
tial energy. The golf bails tend to roll to the lower level spontaneously. 
As each gdf ball does this* its potential energy becomes kinetic en- 
ergy. Finally* the kinetic energy is dissipated as heat energy in the 
floor of the station wagon. Now the golf balls lie at rest at the lower 
floor level. 

This situation is similar to the chemical change in a spontaneous* 
exothermic reaction. The reactants* with high heat content react 
spontaneously to form products* with lower heat content. As each 
molecular reaction occurs* the excess heat content becomes kinetic 
energy. As the product ntolecules collide with other molecules* this 
energy is dissipated in the form of heat energy. The comparison of a 
chemied reaction to gdf bails rdling downhill is illustrated in 
Figure 13-12. 

Let's fist the sImiidfTties. 

(1) There are two states of each system. 

inkklSme f ml State 

Gelfba&e: on upper level — > on lower level 

Reecthn: reactants products 

(2) The potentid energy d the inrtid slate is higher than the 
pdendd energy of the find slate. 

Sta^ Fimi State 

high poienlid low potential wiergy 

energy 

high hen eorHant*^ low heat content 


Raac^: 
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(3) As the change from initial state to final state proceeds the 
form of the energy changes 

Irttia/ State Final State 

Golf baits potential energy — ► kmetic energy and then 

heat 

Fteactfon heat content — ► molecular kinetic energy, 

and then heat 

(4) The changes from initial to final state proceed spontaneously 
toward lowest potential energy Both systems 'roll down an 
energy hill, 

Initial State — ► Final State 

Golf balls: spontaneous 

Beaction. spontaneous 

is there a useful "regularity" that we can see here? Golf bails 
always roll downhill spontaneously. Perhaps chemical reactions 
always move spontaneously in the direction of minimum energy. 

This proposal leads us to expect that a reaction will take place if 
the products have lower heat content than the reactants. We usually 
find this to be true, especially for reactions which release a large 
amount of heat. 



FIGURE 13-12 

Compirtson of a chemical reaction to golf 
halls tolling downhill 
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cvlindrica) objects bum"’) Some endothermic reactions proceed 
spontaneously For example, water absorbs heat energy when 
evaporation occurs When ammcp.um chloride dissolves in water, 
the solution becomes cooler. Again, heat energy is absorbed. In 
both examples reactions spontaneously "move up an energy hill." 

An even more serious difficulty faces us. Spontaneous chemical 
reactions do not go to completion. Even if a reaction is exothermic, 
It proceeds only to the equilibrium state. 

In our golf ball analogy, "equilibrium" is reached when all of the 
golf balls are on the lower level. This suggests all reactant molecules 
would be converted to products. Instead we observe that a dynamic 
equilibrium is established. 

We need to alter our proposed explanation. A new analogy that 
agrees with the behavior of chemical reactions is needed. How 
should the golf ball analogy be changed to bring it into better accord 
with the experimental facts ? Here is a possible view. 

Suppose the station wagon is driven down a bumpy road. The 
situation Is shown in Figure 13-13. 

Now the golf balls are shaken and jostled about. They roll around 
and collide with each other. Every now and then one of the golf balls 
accumulates enough energy to return to the upper level of the 
station wagon floor. Of course, any golf ball that is bounced up 
tends to roil back down to the lower level a little later. As this bumpy 

FIGURE 13-13 

Golf bilts rolttng on the floor of a station 
¥t 9 Qon ^mmg Qfii bump^ fOid The thermal 
energy dwes some motecules "uphill." 





ride continues, a state is reached m which golf balls are be»f>g lostied 
up to the higher level at the same rate they are falling back down to 
the lower level Then ' equilibrium ensts Some of the golf balls are 
on the lower level and some on the upper level Smce the rate of 
rolling up equals the rate of rolling down a dynamic baiarKe e*ists 

The analogy solves the problem of the simpler ' golf balls roll 
downhill" picture The bumpy road model contains a new leature 
that gives a basis for enplaming the spontaneity of sorrve ernlothermic 
reactions What happens if the road becomes smoother^ The 
"jostling up" reaction is less favored The equilibrium conditions 
change to favor golf balls on the lower level 

Think of a chemical reKtion again What feature m a reacting 
chemical system corresponds to the josttir>g of the bumpy road m 
our analogy^ It is the /empera/ure At any temperature except ab* 
solute zero there is a constant random jostling of the molecules 
Some molecules have low kmctic energies Some have high kinetic 
energies Occasionally some molecules will get enough energy to 
"roll uphill” to less stable molecular forms We encountered a 
number of examples in the preceding chapter in our discussion of 
reaction rates At low temperature very few colltsions involved 
enough energy to reach the top of the activation energy barrier 
Increasing the temperature increased the random jostling The rate 
of chemical reaction increased 

Now we have an analogy that aids us m ufKierstanding chemical 
reactions and equilibrium Consider the following features of chem- 
ical reactions, 

1 ) Chemical reactions proceed spontaneously to approach the 
equilibrium state, 

2) One factor that faes the equilibrium state is the energy. 
Equilibrium tends to favor the state of lowest energy. 

3) The other factor that fixes the equilibrium state is the random- 
ness implied by the temperature. Equilibrium tends to favor 
the state of greatest randomness. 

4) The equilibrium state is a compromise between these two 
factors: minimum energy and maximum randomness. At very 
low temperatures, energy tends to be the more important factor. 
Then equilibrium favors the molecular substances with the 
lowest heat content. At very high temperatures, randomness 
becomes more important. Then equilibrium favors a random 
distribution among reactants and products without regard for 
energy differences. 

Chemists have found a simple equation that brings these factors 
together. 


AG = A/y ~ TAS 

AG is called the free energy change for a chemical reaction. Itisthe 
net driving energy for the reaction and is the difference between two 



efwgy terms, AH and T AS We have already discussed AH the 
beet of reaction. AH is the potential energy change in a chemical 
reaction T AS is a new energy term for us It involves the absolute 
temperature and AS, the entropy change for the chemical reaction. 
Entropy is a measure of randomness in a system. 

At equilibrium the tendency to form products equals the tendency 
to form reactants. There is no tendency to change. Therefore, the 
net driving energy must be equal to zero. 


AG = 0 

Then we can write: 

AH^ TAS 

At equilibrium there is a balance between two opposing energy terms. 
The tendency to reach minimum energy {AH) equals the tendency to 
reach maximum randomness [T AS). 

13-16 Review 

For a closed system at a uniform temperature, chemical equilibrium 
is recognized by the constant properties of the system. Chemical 
equilibrium is a dynamic state in which the rates of the forward and 
reverse reactions are equal. 

Any condition that changes the rates of the reactions involved in 
the equilibrium system may affect the concentrations of the reactants 
or products. An important regularity, Le Chatelier's Principle, serves 
as a qualitative guide in predicting how the state of equilibrium is 
affected when one of the equilibrium conditions is altered. 

If a closed system at equilibrium is subjected 
to a change, processes occur that tend to 
counteract that change. 

The quantitative aspects of chemical equilibrium are expressed in 
the Law of Chemical Equilibrium. The equilibrium law expression 
has the form 


[f]» 

[4]» [B]k 


for the chemical reaction 

aA + bB:^e£i-fF 

Solubility calculations show another use of equilibrium expressions. 

There are two factors that determine the state of equilibrium. One 
factor is the energy. Equilibrium tends to favor the state of lowest 
en&gy. The other factor is the rarviomness implied by the tempera- 
ture, Equilibrium tends to favor the state of greatest randomness. 

The equilibrium state is a balance between these two factors: 
mmmjm energy and maxknm randomness. 
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Questions and Problems for Chapter 13 


1 

Sugar is added to a cup of coffee until no more sugar 
will dissolve Does addition of another spoonful of 
sugar increase the rate at which the sugar molecules 
leave the crystal phase and enter the liquid phase ^ 
Will the sweetness of the liquid be increased by this 
addition^ Explain 

2 

Is equilibrium established in a fire burning in a fireplace ’ 
Explain. 

3 

What, specifically, is "equai" in a chemical reaction that 
has attained a state of equilibrium ? 

4 

One drop of water may or may not estaWiih a state of 
vapor pressure equilibrium when placed in a closed 
bottle. Explain. 


I 

Why are chemical equilibria referred to as "dynamic’" 

• 

The following chemical equation represents the reaction 
between hydrogen and chlorine to form hydrogen 
chloride 

Hjig) - Clj(g) 2 HCI(g) - 44 0 kcal 

(a) list four important pieces of information conveyed 
by this equation. 

(b) What are three important areas of interest concern- 
ing this reaction fo' which no information is 
indicated ’ 

7 

Each of the following systems has come to equilibrium 
What would be the effect on the equilibrium concen- 
tration (increase, decrease, no change) of each sub- 
stance in the system when the listed reagent is added ? 


Eteection Added Reagent 

(a) ^ H,{g) 

(b) Cu*^(aq) + 4 NH,(aq) Cu(NH3)4*'"(8q) CuSOiCs) 

(c) Ag^aq) ^ Cr (aq) :;± AgCl(s) AgCKs) 

(d) PbS04(s) + H^(aq) Pb^-^Caq) -h HS04“(aq) Pb(NO,)j solution 

(e) CO{g) 4- ’ 202(g) ^ C02(g) + heat heat 


8 

The reaction C0(g) 4* NOjlg) C02{g) 4- NO(g) 
is exothermic, with AH * -54.1 kcal/mole. What 
happens in this system at equilibrium if ; 

(a) the temperature is increased ? 

(b) the volume is decreased by a factor of ten ? 

9 

If the phase change represented by 
Heat 4* H,0(/) HjOCg) 
has reached equilibrium in a closed system : 


(a) What will be the effect of a reduction of volume, 
thus increasing the nressure ? 

(b) What will be the effect of an increase in tem- 
perature? 

(c) What will be the effect of injecting some steam into 
the closed system, thus raising the pressure? 

10 

Methanol (methyl alcohol) can be made accordir>g to 
the foOowtng net equation : ^ 

CO(g) 4- 2 H2(g) CHjOHCg) + heat 
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Predict the effect on equilibrium concentrations of an 
increase in : 

(a) Temperature. (b) Pressure. 

11 

Consider two separate closed systems, each at 
equilibrium ; 

(a) HI and the elements from which it is formed. 

(b) HjS and the elements from which it is formed. 

What would happen In each system if the total pressure 
were increased ? Assume that conditions are such that 
all reactants and products are gases. 

12 

Given : 

S02(g) -f Va 02 (g) S 03 (g) + 23 kcal 

(a) Discuss the conditions that favor a high equilibrium 
concentration of SO3. 

(b) How many grams of oxygen gas are needed to 
form 1.00 gram of SO3? 

13 

How does a catalyst affect the equilibrium conditions 
of a chemical system ? 

14 

in any discussion of chemical equilibrium wh^ are 
concentrations expressed in moles, rather than in 
grams, per unit volume ? 

15 

Consider the reaction : 

4 HCf(g) + Oa(g) :;± 2H20(g) + 2Cl2{g) + 27 kcal 

What effect would the followir^ changes have on the 
equilibrium concentration of Cl2(g) ? Give reasons for 
each answer. 

(a) Increasing the temperature of the reaction ves^. 

(b) Deonea^ the total pte^re. 

(q) Increasing the concentration of Oj. 

(d) Increasing the volume of the reaction chamber, 

(e) Adding a catalyst. 


16 

Nitric oxide, NO, releases 13.5 kcal/mole when it 
reacts with oxygen to give nitrogen dioxide. Write the 
equation for this reaction and predict the effect of 
(i) raising the temperature, and of (ii) increasing the 
concentration of NO (at a fixed temperature) on: 

(a) the equilibrium concentrations ; 

(b) the numerical value of the equilibrium constant; 

(c) the speed of formation of NO2. 

17 

Given : 

H2(g) + l2(g)^2HI(g) 

At 450 ®C, K = 50.0 for this reaction. Calculate the 
equilibrium constant at 450 ‘’C if the reaction is written : 

2 HI(g)^H2(g) + l2(g). 

18 

Write the equilibrium expression for the following 
reactions. 

(a) N2(g) + 3H2(g);;±2NH3(g) 

(b) CO(g) + N02(g) C02(g) + NO(g) 

(c) Zn(s) + 2 Ag+(aq) :i±zn’*(aq) + 2 Ag(s) 

(d) Pblj(s):;±Pb'+{aq) + 2 r(aq) 

(e) CN-(aq) + HjOW ^ HCN(aq) + OH-(aq) 

IS 

The water gas reaction 

C02(g) + H2(g):;±C0(g) + H20(g) 

was carried out at 900 °C with the following results. 

Partial Pressure, Atm. 
jfjgl at Equilibrium 


Number 

CO 

H 2 O 

CO 2 

Hj 

1 

0.352 

0.352 

0.648 

0.148 

2 

0.266 

0.266 

0.234 

0.234 

3 

0.186 

0.686 

0.314 

0.314 


(a) Wqte the equilibrium law expr^ion. 

(b) Verify that the expressbn in (a) is a constant, using 
the data givw. See Problem^. 
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20 

In the reaction 

2HI{g):;itH2(g) + l2(g) 

at 448‘’C the partial pressures of the gases at equilibrium 
are as follows : 

partial pressure of HI = 4.0 X 10"^ atm; 
partial pressure of = 7.5 x 10~^atm; 
partial pressure of Ij = 4.3 X 10“^ atm. 

When pressures are properly used in the equilibrium 
expression, a constant is obtained. What is that con- 
stant for this reaction ? 

21 

Reactants >4 and 5 are mixed, each at a concentration 
of 0.80 mole/liter. They react slowly, producing C 


24 

Write the solubility product expression for each of the 
following reactions 

(a) BaSO,(s) Ba^^{aq) + SO,=’(aq) 

(b) Zn(OH) 2 (s) :;±Zn^^(aq) + 2 0H"(aq) 

(c) Ca 3 (P 04 ) 2 (s) 3 Ca'+(aq) + 2 P 04 '-(aq) 

m 

25 

Write the solubility product expression for each of the 
following substances in water. 

(a) calcium carbonate. 

(b) silver sulfide. 

(c) aluminum hydroxide. 

26 

Experiments show that 0.0059 gram of SrCOs will dis- 
solve in 1.0 liter of water at 25°C, What is for 
SrCOa? 

Answer. 1.6 X 10"’. 


and D ■ A B C D. When equilibrium is 
reached, the concentration of C is measured and found 
to be 060 mole/liter. Calculate the value of the 
equilibrium constant. 

Answer: K 9.0. 

22 

Given : 

CaCOafs) CaO(s) + CO^fg) 

At a fixed temperature, what effect would adding more 
CaCOa ^ 3 ve on the concentration of CO 2 in the region 
above the solid phase ^ Explain. 

23 

Equilibrium constants are given for several systems 
below In which case does the reaction as written occur 
to the greatest extent ? 

Reaction K 

1.8 X 10"^ 
7.1 X 10“^ 
1 X 10^ 

27 

The solubility product of AgC! is 1.4 X 10""^ at 100®C. 
Calculate the solubility of silver chloride in boiling 
water. 

28 

How many milligrams of silver bromide dissolve in 
20 liters of water ? (Use the data given in Table 1 3-6.) 

29 

Suppose you add 0.002 mole of solid Pb(N 03)2 to one 
liter of 0.001 M H 2 SO 4 , As the lead nitrate dissolves, 
will lead sulfate precipitate? 

30 

Suppose 1 0 ml of 1 .0 M AgNOg is diluted to one liter 
with tap water. If the chloride concentration in the 
tap water is about 1 0"^ M, will a precipitate form ? 


(a) CHaCOOHCaq) H*(aq) + CH 3 COO"(aq) 

(b) CdS(s) Cd2^(aq) -{- S^'(aq) 

(c) H^(aq) + HS"(aq) H 2 S(aq) 
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31 

The test described m Problem 30 does not give a 
precipitate if laboratory distilled water is used What 
IS the maximum chloride concentration that could 
be present ? 

32 

Will a precipitate exist at equilibrium if 0.5 liter of 
2 X 10”^ M AICI 3 solution and 0.5 liter of 4 x 10"^ M 
sodium hydroxide solution are mixed and diluted to 
1 0 ^ liters with water at room temperature ? 

/r^of AI(0H)3 = 5 X 10“=^ 

33 

Select from each of the following pairs the more 
random system. 

( 3 ) A brand new deck of cards arranged according to 
suit and number. The same deck of cards after 
shuffling. 

(b) A box full of sugar cubes. 

Sugar cubes thrown on the floor. 

(c) A haystack. 

Stacked firewood. 

34 

For each of the following reactions, state : (i) whether 
tendency toward minimum energy favors reactants or 
products, (ii) whether tendency toward maximum 
randomness favors reactants or products. 

(a) HiOU) H20(s) ah = -1.4 Real 

(b) HaOC/) H20(g) AH = +10 Real 

(c) CaC 03 (s) + 43 kcal CaO(s) + COjCg) 

(d) IjCs) + 1.6 kcal Ij (in alcohol) 

(e) 4 Fe(s) + 3 02 (g) 2 + 400 kcal 


35 

When a solid evaporates directly (without melting), the 
process is called sublimation. Evaporation of solid 
CO 2 IS a familiar example. Two other substances 
that sublime are FCN and ICN : 

FCN(s) FCN(g) AH = +5.7 kcal 

ICN(S) ICN(g) AH = +14.2 kcal 

(a) In sublimation, does the tendency toward maxi- 
mum randomness favor solid or gas ? 

(b) In sublimation, does the tendency toward minimum 
energy favor solid or gas ? 

(c) In view of part b, would you expect solid ICN to 
have a lower or higher vapor pressure than solid 
FCN at the same temperature ? 

36 

Liquid chloroform, CHCI3, and liquid acetone, 
CH3COCH3, dissolve in each other in all proportions 
(they are said to be miscible). 

(a) When pure CHCI3 is mixed with pure acetone, is 
randomness increased or decreased ? 

(b) Does the tendency toward maximum randomness 
favor reactants or products in the reaction . 

CHCl 3 (/) + CH 3 C 0 CH 3 (/) solution 

AH 495 cal 

(c) Considering the sign of AH in part b, does the 
tendency toward minimum energy favor reactants 
or products ? 

(d) In view of your answers to parts b and c, discuss 
the experimental fact that these two liquids are 
miscible. 
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Aqueous Acids and Bases 



You have encountered the words "acid" and "base" a number of 
times in this course, both in the early chapters of this book and in 
your laboratory program. In Experiment 8 you dissolved metallic 
silver in nitric acid : in Experiment 1 1 you measured the volume of 
hydrogen gas when a known mass of magnesium metal reacted with 
hydrochloric acid ; and in Experiment 26 you determined the heat of 
reaction when an acid and a base react. Acids and bases are among 
the most common and most important chemicals that are found in 
the laboratory. In addition, a number of acids and bases are often 
found in our homes : lemon juice owes its sour taste to citric acid ; 
vinegar contains acetic acid ; baking soda contains sodium hydrogen 
carbonate; and household ammonia contains ammonium hydroxide. 

In this chapter we will explore how the definitions of acids and 
bases have changed as chemists searched for regularities and ex- 
planations of their experimental results. We will see how the concept 
of chemical equilibrium provides a way to organize a great deal of 
information about acids and bases. Most important of all, we will 
find a way to predict the extent to which an acid-base reaction will 
occur. 


14-1 Operational Definitions of Acids and Bases 

Definitions of acids and bases were presented in Section 6-9, 
page 95, when we discussed electrolytes. Electrolytes are sub- 
stances that dissolve in water to give solutions that conduct elec- 
tricity. The classification of electrolytes as acids, bases, and salts is 
based directly on the observed properties of the solutions. These 
properties provide the simplest definition for each class of compounds. 
When we classify or define something in terms of "what happens," 
we are using an operational definition. Suppose we encounter a 
new compound. We can decide whether to call it an acid or a base 
by carrying out some of the experiments indicated in the definition. 

The experimentally observed properties of aqueous acids and 
bases are summarized below. These lists form the operational defini- 
tions of an acid and of a base. 



FIGURE 14-1 
Some familiar acids. 
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Sodium carbonate 



$o<Hm hyrkoxide 


mmu 14-2 
Some fwniar bases. 


An acid is a compound that dissolves in water to give a solution that . 
conducts electricity, 

reacts with metals such as Zn or Mg, liberating Hj, 
changes the color of the dye, litmus, from blue to red, 
tastes sour. 

A base is a compound that dissolves in water to give a solution that : 
conducts electricity,. 

reacts with an acid, to destroy or neutralize its properties, 
changes the color of the dye, litmus, from red to blue, 
tastes bitter and feels slippery. 

During the nineteenth century, chemists tried to find explanations 
for the behavior of acids and bases. They began to replace operational 
definitions (what happens) with conceptual ones. A conceptual 
definition seeks to identify the causes of observed behavior. The 
concept underlying the definition often contains ideas of composition 
and structure. 

For many years chemists believed that all acids contain oxygen. 
When experiments showed that one of the most important acids, 
hydrochloric acid, contained only hydrogen and chlorine, this belief 
was abandoned. The generalization that all acids contain hydrogen 
was then proposed. This change has led to a more valid concept 
of acids and bases. The Swedish chemist, Svante Arrhenius, provided 
one of the first definitions of acids and bases that went beyond a 
cataloguing of experimental observations. 

1 4-2 The Arrhenius Definitions of Acids and Bases 

One of the most intriguing questions that challenged Arrhenius and 
other chemists was "Why do some substances exhibit acidic or basic 
properties to a greater degree than other substances ?" When 1 M 
HCI and 1 M acetic acids are compared, we find that the 
conductivity of the HCI solution is much greater than the conduc- 
tivity of acetic acid solutions. The rate of reaction of each acid with 
magnesium or zinc can also be measured. The rate with 1 M HCI 
Is much greater than with 1 M acetic acid. 

Arrhenius proposed conceptual definitions for acids and bases as 
part of his theory of Ionic dissociation. He had suggested that an 
ionic substance like NaC!(s) dissolved in water to furnish the ions 
Na*^ and Cr. Arrhenius interpreted the high conductivity of elec- 
trolyte solutions in terms of ionic movement toward the electrodes. 

Arrhenius postulated that an acid was a substance that dissolved 
in water to furnish the hydrogen ion, Similarly, he called a 
substance a base if it could furnish the hydroxide ion, OH~. The 
chemical activity arid the electrical conductivity of acidic and basic 
sc^utions could be directly related to the degree to which these ions 
formed when substances dissolved in water. 
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When an acid such as HCl dissolves in water, almost all of it 
ionizes. Arrhenius called acids that behaved this way strong acids. 
He represented the chemical reaction with the equilibrium 

HCl ^ H’^ + Cr ^ is a large number 

When acetic acid dissolves in water, only a small fraction of the 
molecules ionize. Such an acid is called a weak acid. The equilibrium 
reaction can be written 

CH3COOH H"^ + CHjCOO” /f' is a small number 

The words strong and weak, used in this manner, are sometimes 
confusing. They do not refer to the initial concentration of the 
electrolytes. Instead these words refer to the degree of ionization. 
The information presented in Table 14-1 will help you to see the 
difference between strong acids and weak acids. Note that each 
solution is made fay dissolving 1 .0 mole of the acid in enough water 
to make 1 .0 liter of solution. 


TABLE 14-1 

Comparison of Strong and Weak Acids 


Strong Acid 

Weak Acid 

Approximate [H+] 

Electrical 

Conductivity 

Rate of Reaction 
with Mg 

1.0 A4 HCl 


1 M 

High 

Fast 

I.OMH 2 SO 4 


1 M 

High 

Fast 


I.OAfHjPO^ 

0.1 M 

Intermediate 

Intermediate 


I.OA4CH3COOH 

0.004 44 

Low 

Slow 


Arrhenius proposed that strong electrolytes dissociated almost 
1 00% when dissolved in water. The dissociation of weak electrolytes 
such as CH3COOH is very small. Very few ions form when CH3COOH 
dissolves in water. Arrhenius was able to compare the strengths of 
acids and bases by measuring the conductivity of solutions. We will 
discuss acid-base strength in Section 14-7. 

The Arrhenius view of acids and bases represented a great advance. 
However, difficulties began to appear, particularly as chemists' under- 
standing of atomic structure developed. Since the hydrogen atom 
has only one electron, the ion H"^ must correspond to the nucleus of 
the atom. Such a small positive ion would interact strongly with 
electrons on other molecules or ions. This would be particularly true 
with water molecules, the solvent.' A number of different experiments 
support the idea that the hydrogen ion is hydrated. Some experiments 
suggest that the hydrogen ion should be represented by the formula 
HaO"^. Other experiments indicate that there are more water mole- 
cules, corresponding to the formula HA"^. The unhydrated hydrogen 
ion does not exist to any appreciable extent in water. Some chem- 







ists indicate hydration of ions by writing equations in this manner 

HCI + water — H'^(aq) + Cr(aq) 

CH3COOH + water ::;±H'^(aq) + CHaCOO'Caq) 

Some chemists prefer to represent these same reactions as 

HCl(aq) + H2O — > + Cr(aq) 

CH3COOH{aq) + HjO H 30 '^(aq) + CH3COO'(aq) 

Recognition that the solvent plays a direct role in acid-base 
systems removes another difficulty of the Arrhenius definition. There 
are other substances like NH3 and Na2C03 which do not contain 
hydroxide ion. However, they dissolve in water to form solutions 
that have the properties associated with bases. The explanation for 
these observations appears when we write equations which include 
the solvent 

NHjCg) + HjO NH/(aq) + OH-(aq) 

NajC03(s) + HjO^ltHCOj'taq) + OH'(aq) + 2 Na+(aq) 

Ammonia and carbonate ions react with the solvent to produce 
OH“(aq). The properties of these solutions are similar to the solutions 
of other bases. These reactions clearly emphasize the important role 
played by the solvent Recognition of the importance of the solvent 
led chemists to propose more general definitions of acids and bases. 
Before discussing these definitions, it is useful to consider the re- 
action between an acid and a base, one of the most important reactions 
in chemistry, ft is given a special name, neutralization. 

14-3 The Neutralization Reaction 

We can write the equation for the reaction of hydrochloric acid 
and sodium hydroxide solutions in several ways. One of them is 

H+{aq) + Cr(aq) + Na+(aq) + OH-(aq) — HjO + Cr(aq) + Na+(aq) 

The sodium and chloride ions appear as reactants and products. They 
do not enter into the neutralization reaction. Ions that are present 
but do not participate in the reaction are called spectator ions. 
Frequently chemists do not include them in the equation. This pro- 
cedure simplifies the equation and emphasizes the reaction that is 
taking place. The result is called a net ionic equation, such as 

H+(aq) OH"(aq) HjO 

Remember, however, that you cannot find a bottle in the chemical 
stockroom that contains only H'^(aq) or OH-(aq) ions ! 

This reaction must be written as an equilibrium system. Even 
though the electrical conductivity of pure water is very low, careful 
measurenrients show that water is a weak electrolyte. The conduc- 
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tivity measurement indicates that the Ions H‘"(aq) and OH"(aq) are 
present at very low concentrations in pure water. 

HjO H+(aq) + OH-(aq) 

The equilibrium expression for this system can be written 

- [Hi [OH'] 

The constant is often called the ion product for water. The value 
for /f, at 25‘’C is 1.00 X 10"^^ 

In pure water, every time an H'^{aq) ion forms, an OH"{aq) ion 
must form too. Therefore, we know that 

[Hi = [OH1 (In pure water) 

This relationship allows us to write 

K, = [Hl[OH-] = [H^ 

[hT = Vat, = v'l.o X 10"'^ 

[H+] = 1.0 X 10"^ Af (in pure water) 

In addition we can see that 

[OHI * 1.0 X 10“^ (in pure water) 

At equilibrium the ion concentrations are only 10”^ M. Water Is a 
weak electrolyte. 


EXERCISE 14-1 

Show that the concentration of H 2 O in a liter of pore water is 
55.5 M. Assume that the mass of one liter of water is 1.00 X 10* 
grams. 


EXERCISE 14-2 

What is the concentration of H 2 O in 1.00 X Itf ml of water? 
In 1.00 ml? 


14-4 The Special Roles of H^{aq) and OH'(aq) 

In pure water the concentrations of H‘*'(aq) and OH”(aq) are 
equal. But what happens if some HCl(g) is added? HCI(g) is a 
strong electrolyte which dissolves to give the hydrated ions, H'‘‘(aq) 
and Cr(aq). All acids increase the [H’^j but not the [OHI in the 
system. The [H'*'] and [OH'] are no longer equal. However 
experiments show that the equilibrium relation is still valid. 

K, ^ [Hi [OHI 
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We can rearrange this equation to show 


= m 

If [H*] increases, then [OH"] must decrease. We represent the 
relation schematically in Figure 14-3. 


FIGURE 14-3 

Relation between H+and OH” 
in aqueous solutions. 


[Ht] [OH“] = 10-’^ 



Suppose, on the other hand, we add the strong electrolyte NaOH 
to pure water. The [H^] and [OH"] are no longer equal because 
the base NaOH increases the hydroxide ion concentration without 
adding to the hydrogen ion concentration. The concentration of 
H^(aq) would be given by the relation : 


[H-] 


K. 

[OH-] 


Some examples will give you practice with this concept. Suppose 
we start 'with 1.0 liter of pure water. We have just seen that 
[H"^] = [OH“] = 10"^ Min water. Now add 0.1 mole of hydrogen 
chloride to the water. Since HCl is a strong electrolyte, 0.1 mole will 
furnish 0.1 mole of H'‘'(aq) and 0.1 mole of Cr(aq). The maximum 
concentration for H'^(aq) would initially be the sum of [H^] from 
water and from HCl. 


[Hitotoi - + [HIhc. = 10-^M + 10"’ M 

The very small amount of H'’’(aq) coming from water becomes even 
smaller in accord with Le Chateliers Principle. The contribution 
of H'*' from water is so small it can be neglected^ The concentration 
of hydroxide ion can be calculated easily. 


[OH"] = 


[HI 


10 "’^ 

10 "’ 


10"’^ M 


Addition of 0.1 mole of HCl to a liter of water changes the hydroxide 
concentration by a factor of a million ! Review this example, using ^ 
Le Chatelier's Principle as a guide. If HCl is added to water, a stress 
is placed on an equilibrium system. The concentratior H'^(aq) 
is increased. Reaction between OH"(eq) and H'’'(aq) idkes place 
to relieve the stress. The "box score" can be seen in Table 14-2. 



TABLE 14-2 

The Concentrations of H^(sq) and OH'(aq) 
When 0 1 mole of HCl Is Added to 1 0 Liter of Water 
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Initial Concentrations 
System at Equilibrium 

Hypothetical Situation 
Immediately After Adding HCl 
System Not at Equilibrium 

Final Concentrations 
System at Equilibrium 

[H1 

lO-'M 

0 

r 

0 

! 

i 

10 -' Af 

[OH-] 


10-'M 

10'” Af 

[H1IOH-] 

(10'^) X (10'^) = 10-’* 

not applicable 

0 

X 

0 

li 

0 


EXERCISE 14-3 

Show that the addition of 0.010 mole of solid NaOH to 1 0 liter of 
water reduces the concentration of H^(aq) to 1.0 y 10"’^ M. 

EXERCISE 14-4 

Suppose that 3.65 grams of HCl are dissolved in 10.0 liters of water. 
What IS the value of [H ‘] ? Show that [OH"] - 1.00 y 10~’^ M. 

EXERCISE 14-5 

How many hydrogen and hydroxide ions would there be in 1 liter 
of H 2 O? 

How many hydrogen and hydroxide ions would there be in 1 liter 
of 0.1 MHCI? 

The concentrations of H’''(aq) and OH"{aq) always are related 
through the equilibrium relation = [H"^] [OH"]. 

In neutral solutions [H"] = [OH"] 

In acidic solutions [H^] > [OH"] 

In basic solutions [H^] < [OH"] 

The ease with which we can control and vary the concentrations 
of H'^(aq) and OH"(aq) is important. These ions take part m many 
reactions that occur in aqueous spjutions. If H" (aq) is a reactant or 
a product in a reaction, the variation of the hydrogen ion concentra- 
tion may have an enormous effect on the reaction. Such variations 
cause changes in the concentrations of all the reactants and products 
so that the numerical value of the equilibrium law expression con- 
tinues to equal the equilibrium constant. Furthermore, there are many 
reactions for which either the hydrogen ion or the hydroxide ion is a 
catalyst. An example was discussed in Section 1 2-8, the decomposi- 
tion of formic acid catalyzed by sulfuric acid. Formic acid is reason- 
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ably stable until the hydrogen ion concentration is raised. Then the 
rate of decomposition becomes very rapid. 

1 4-5 Acid- Base Titrations 

In making quantitative measurements, chemists frequently must de- 
termine the concentration of a solution. There are a number of 
methods to do this. One of the most important is called titration. 
The following discussion illustrates what happens in a titration using 
the reaction between a strong acid and a strong base as the example. 

If 0.1 mole of HCI is dissolved in 1 00 ml of H 2 O, the concentration 
of hydrogen ion is 1.0 M. Addition of small amounts of solid NaOH 
decreases the concentration of hydrogen ion because of the neutral- 
ization reaction : 


H+(aq) -4- OH”(aq) H 2 O 

Initially the solution is acidic. As more and more NaOH is added, the 
solution becomes less acidic. When 0.10 mole of NaOH has been 
added, the solution is neutral. The concentrations of H’'‘(aq) and 
OH”(aq) would then be equal to each other. When equimolar 
amounts of HCI and NaOH have been mixed in a titration, we say 
that the equivalence point is reached. Now, more NaOH makes 
the solution basic. Numerical values for the hydrogen and hydroxide 
concentrations at different points in the titration are summarized in 
Table 14-3. 


TABLE 14-3 


The Changes in [H+J and [OH~] During the Titration of 100 ml of 1.0 M HCI 


initial Number of Moles, HCI 

Number of Moles 
NaOH Added 

Excess Number of Moles 
HCI or NaOH 

[H+] 

[OH-] 

0.10 

0.00 

0,10 

HCI 

1.0 ^ 

1.0X10"” 

0.10 

0.09 

0.01 

HCI 

1.0x10"’ I 

1.0X10"” 

0.10 

0.099 

0.001 

HCI 

1.0x10“^ 

1.0 X 10"” 

0.10 

0.10 

none 


1.0 X 10-^ 

1.0 X lO"’' 

0.10 

0.101 

0.001 

NaOH 

1.0 X 10"’* 

1.0 X 10”^ 

0.10 

0.11 

0.01 

NaOH 

1.0 X 10~'’ 

1.0 X 10"' 

0.10 

0.20 

0.10 

NaOH 

1.0 XIO-'-* 

1.0 


If we plot the concentration of hydrogen ion as NaOH(s) is added 
to the solution, the changes during a titration are shown clearly. 
Figure 14-4 indicates that the change in [H^ is quite gradual until 
close to the equivalence point. In the early stages of the titration 
the [H changes by a factor of 1 00 when 0.099 mole of NaOH (s) is 
add^. But near the equivalence point, 0.002 mole of NaOH(s) 
changes the {H'*'] from 10“^ M to 10"’^ M, a factor of 10’° 
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FIGURE 14-4 

Titration curve for the reaction of HCJ with NaOH. 


EXERCISE 14-6 

Calculate the [H'*'] and [OH“] for the titration just discussed when 
0.0999 mole of NaOH(s) has been added. 


There are two aspects of Figure 1 4-4 that have not been discussed. 
First if we add litmus dye at the start of the titration, the color of 
the solution is red. The solution is acidic. However, the hydrogen 
ion concentration changes quite rapidly at the equivalence point. 
The color of the solution suddenly changes to blue. The is 
now less than 10“^ M; the solution is basic. Substances like litmus 
are called indicators. Indicators are weak acids or bases, which 
have one color in acid solution and another in basic solution. We 
can represent how they function by this equilibrium equation : 

H{lnd):;±H^(aq) + lnd"(aq) 

(color 1 ) (color 2) 

addition of base — > 

■< — addition of acid 

The second new aspect in Figure 14-4 is the symbol pH in the 
label on the right side. When dealing with very large or very small 
numbers, it is often convenient to refer only to the exponent of the 
number. For example, 1 0“'^ could be referred to as 1 3. The term pH 
is defined as the exponent for the hydrogen ion concentration, with 
sign changed to give a positive number. 

pH = X when [H+] = lO”* 
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Using the pH system we see that: 

pH = 7 for neutral solutions 
pH < 7 for acidic solutions 
pH > 7 for basic solutions 


EXERCISE 14-7 

You have 100 ml of an HCI solution whose concentration you do not 
know. Titration with 0.10 M NaOH solution requires 50 ml of the 
base to reach the equivalence point. What was the original con- 
centration of the HCI solution ? 


14-6 The Br^nsted-Lowry Definitions of Acids and Bases 

In 1923 the Danish chemist J. N. Br0nsted, and the English chemist 
T. M. Lowry, independently proposed new conceptual definitions for 
acids and bases. They proposed that 

an acid is a substance that can donate a proton. 
a base is a substance that can accept a proton. 

We can write some equations which will show the meaning of these 
definitions. The acid will be written as the first reactant in each 
equation. For convenience the notation (aq) after each ion is 
omitted. 


HCI(g) + H2O 
CH3COOH -F H2O 
H 2 O + NH3{g) 
H2O + 003'- 


H30'- + cr 

H3O+ + CH3COO” 
NH4'^ + OH" 
HC03" + OH" 


Four important ideas can be derived from these equations. 

1. These definitions are not limited to reactions taking place in 
aqueous solutions. The proton transfer in the reaction 

HCI(g) + NH3(g) NH/ + Cl" 

shows that HCI is an acid and NH3 is a base. According to this 
definition, is an acid and Cl" is a base. 

2. A look at the electronic structure of ammonia and water will 
help us to visualize what is happening and to aid in proposing a 
reaction mechanism. When collision occurs, we expect an activated 
complex to be formed : 


H H 

“ H " 

- 

“ H " 

:0 :— H— 

: 0 ; 

+ 

H : N : H 

H 

M Mi 


. H _ 



This mechanism suggests that hydrogen bond formation provides 
the route for proton transfer Moreover, this mechanism suggests 
that the reaction is reversible 
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HjO-f nh 3 ::^±oh’ - nh, 

3. The solvent water plays an important role in the Bronsted* 
Lowry system. In the first two equations, water acts as a base, 
water accepts protons. In the last two equations, water acts as nr 
acid ; water donates protons. 

4. Close inspection of these equations helps us realize that the 
products in these reactions are acids and bases too 

CH3COOH + HjO ^ T CHaCOO" 

H2O + - OH- 

HB, + B 2 :^±HB 2 ''+ Br 
Acid, + Base^ Acid^ r Base, 

Each reaction is reversible. Acetic acid can donate a proton to the 
base water; the acid H 3 O* can donate a proton to the base acetate 
ion, CH3COO”. Each pair, CHaCOOH-CHaCOO'' or 
differs only by a proton. They are called acid-base pairs. 

A strong acid would have large tendency to donate a proton. The 
base paired with a strong acid would be a weak base. The base 
paired with a weak acid would be a strong base. A strong base 
has a large tendency to keep a proton. 


14-7 The Strengths of Acids and Bases 

The equilibria prevailing in acidic and basic solutions can be used to 
determine the relative strengths of acids and bases. For example, 
consider the behavior of two weak acids, acetic acid and hydro- 
fluoric acid. 


CH3COOH + HjO H3O+ + CH3COO” 

Measurements of the electrical conductivities of 0.10 M solutions 
of these two acids show that there are more ions in the HF solution 
than in the acetic acid solution. Acetic acid shows less tendency to 
donate a proton to the base water than hydrofluoric acid does. We 
can express this tendency quantitatively in equilibrium law expres- 
sions for the reactions. For acetic acid, 

_ [rfaOlECHaCOO-] 

[HjOJECHjCOOH] 
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Since the concentration of HjO is constant, it is combined with K 
(see Section 13-11, page 240) to give /f*. 


K, = /f[HjO] 


[H30-^][CH3C00~] 

[CH 3 COOH] 


= 1.8 X 10-* 


In a similar way we find for HF, 


[HF] 


= 6.7 X 10"^ 


The larger value for the equilibrium constant for HF means that it is 
a stronger acid than acetic acid. A larger fraction of the H F molecules 
have formed ions. These ideas can be summarized in terms of a 
general acid, HB. The acidic nature of HB is related to its ability to 
donate protons to H 2 O. 


HB + H20:;±H30^ + B” 

The equilibrium constant for this reaction has the form : 

. [H301[b-] 

[HB] 

It is important to recognize that in each of these examples, CH 3 COOH, 
HF, and HB, we are measuring the tendency for the acid to donate a 
proton to the same base, HjO. This procedure allows us to rank acids 
in order of their strengths. Table 14-4 is a list of some of the more' 
common acid-base pairs. A more complete tabulation is given in 
Appendix 3. The larger the value for the stronger is the acid. 

Notice the value /T - 1.00 for the acid-base pair, HsO*^ and 
HjO, The Brpnsted- Lowry definition chooses the base HjO as the 
reference in establishing the table of acid strengths. This situation 
becomes even clearer if the donation of a proton by H 3 O” to the 
reference base is written out. 

+ H2O + H2O 

[H30-^][H20] 

^"[H30^[H20] 


EXERCISE 14-8 

Which of the following acids is the strongest and which is the weak- 
est ? Use Appendix 3 to verify your answer. 


nitrous acid 

HNO 2 

/fA = 5.1 X 10 "'‘ 

sulfurous acid 

H 3 SO 3 

= 1,7 X 10-' 

phosphoric acid 

H 3 PO 4 

/f* = 7.1 X IQ-' 



TABLE 14-4 
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Equilibrium Constants for Acids in Aqueous Solution 
HB -f 4. B~ 


Acid-Base Pair 


Acid 

Base 

HCI 

Cl” 

HNO3 

NO3” 

H2SO4 

HSO4" 


HjO 

HS 04 ’" 

SO4'” 

HF 

F~ 

CH3COOH 

CH3COO” 

H2CO3 

HCO3” 

H2S 

HS" 

NHr 

NH3 

HCO3” 

0 

0 

1 

HS’ 

S^- 

H2O 

OH" 

OH" 

O'- 



' [HaOKSi 

' [HB] 

Very large 

Very large 
Large 
55.5 

1.3 X 10*' 

6.7 X 10*" 

1.8 X 10’* 

4.4 X 10"^ 

1.0 X 10*^ 

5.7 X 10"’° 

4.7 X 10"” 

1.3 X 10"’3 
1.8x10"’^ 

< 10 "“ 


Another important aspect of the Br^nsted-Lowry definitions for 
acids and bases is the role of the solvent, HjO. The strongest acid 
that can be present at any appreciable concentration in water is H 3 O 
The strongest base that can be present at any appreciable concen- 
tration in water is OH". Very strong acids like HCI and HNO3 do not 
exist as undissociated molecules in H 2 O. Similarly, an oxide like 
Na 20 dissolves in water to form OH” rather than the very strong base 
oxide ion, O'”. 


HCI(g) + H2O — ► HjO^ + Cr 
Na20(s) + H 2 O — > 2 Na-" + 2 OH” 

In Table 14-4 acids are not only ranked in order of their tendency 
to donate protons to the base water, but the acids are also ranked in 
terms of their tendency to donate protons to any base in aqueous 
solution. This interpretation guides us in answering a question 
like this : 

Are reactants or products favored when Na 2 C 03 (s) is 
added to an aqueous solution of HF? The reaction in 
question is 

HF -f- CO3'" HCOj" + F* 



Looking at Table 14-4, we find equilibrium constants for the two 
acids: 

HF + HjO + F" /r* = 6.7 X 10““ 

HCOj’ + HjO 7^ HjO'^ + COj^’ /(a = 4.7 x 10"” 

In aqueous solution HF has a greater tendency to donate a proton 
to HjO than HCO3" does. The bond in HF is more easily broken than 
the H—O bond in HCOa". This suggests that HF, the stronger acid, 
donates a proton to 

Reversing the HCO3" reaction, we write 

HF + HjO H3O+ + F" 

HjO"^ + C03^" ^ HC03'" + H2O 

Combination of these equations now gives the desired net reaction 

HF -f COj^" ^ HCO3" + F" 

Since HF is a stronger acid than HCO3" the proton donation from 
HF to the base is more likely than the proton donation from 
HCO3" to F“. This must mean that the products of the reaction 
between Na2C03 and HF are favored. Other examples of this kind 
suggest a useful regularity : 

A/J acid will react with the base of any acid-base pair 
below it in the table. 


EXERCISE 14-9 

Convince yourself that the equilibrium constant for the reaction 
C03^“ + H3O+ HCOa” + H2O 
is 1 /K^ where Kj, is the equilibrium constant for the reaction 
HCO3- + H2O H3O+ + COa^" 

EXERCISE 14-10 

Are reactants or products favored in the reaction between CH3COOH 
and NH3? Use the qualitative guide just discussed to answer this 
question. 


The equilibrium constant for the reaction 

HF-FC032":^HC03" + F“ 

can be determined by a simple mathematical technique. The equilib- 
rium law expression for the reaction is : 

[F-][HCOr] 

■ [HF][C03’1 



If we multiply both numerator and denominator by the value 
of K does not change. 
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. [H301[fi [HCO 3 I 

[HF] [HaOKCOri 

The first factor is for HF. The second factor is I/Z^a for HCO3". 
The equilibrium constant for the reaction is : 


6.7 X 10’ _ 

" — 77^ = 1.4 X 

4.7 X 10 " 


1 4-8 Experimental Determination of Z^a 

How have chemists determined values for the equilibrium constants 
in Table 14-4? There are several different methods. Perhaps the 
easiest one makes use of litmus or other indicators, indicators change 
color as the hydrogen ion concentration changes. The method we 
will outline is based on matching the indicator color in two solutions. 
If the color is the same in both solutions, we assume the hydrogen ion 
concentration is the same. 

The procedure to be followed is illustrated in Figure 14-5. A set 
of standard solutions is prepared by dilution of an HCI solution 
whose concentration is known. The same amount of indicator is 
added to each of these solutions. The color varies from one test 
tube to another because the hydrogen ion concentration is different 
in each solution. The weak acid HF is the acid whose we want 
to determine. The solution on the right is 0.10 Af HF. The same 
amount of indicator has been added to this test tube as was added 
to the HCI solutions. The color of the HF solution seems to match 


[HsOi 

10X10’=* 8X10’=* 6X10’® 4X10-* 



i 

FIGURE 

Using an acid-base mdicator to estimate 
[H 3 O'''] in a weak acid sokitkMi. 


HCI soiutms 


QAOMHFsofutm 
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the second HCI test tube, where =8x10 ^ M. Now the 

Kj, for HF can be calculated. 


HF + HjO 


mnin 

[HF] 


The balanced equation indicates that the concentration of F“ must 
be equal to the concentration of The only source of ions in 
this example is from the dissociation of HF. Table 14-5 summarizes 
these results. 


TABLE 14-5 

Concentrations in a 0.10 M HF Solution 


Species 

Initial Concentration 

Equilibrium Concentration 

Method Used to Find Concentration 

HF 

0.10/14 

[HF] - [H 3 O+] = 

0.10 - 0.008 = 0.092 Af 

Initial concentration from titration with NaOH 
solution of known concentration. 
Equilibrium concentration by noting that 
each HaO"^ formed uses one HF 

H30+ 

— 

8 x 10 -’W 

Color matching with HCI solutions of known 
concentration 

F' 


8 xlO-’Af 

[H 3 O+] = [F-] 


The calculation of Kj^ is straightforward. 

^ ^ 8 X 10-^ X 8 X 10-^ 

* [HF] " 9 X 10"^ 


= 7 X lO-* 


14-9 Calculations of [HjO^] 

If a value of Kf, for an acid is available, we can use it in equilibrium 
calculations. Here are several examples. 

Suppose that a chemist wants to know the hydrogen ion concen- 
tration in a solution that was made by dissolving 0 . 02 -mole of acetic 
acid in enough water to make one liter of solution. Of course, he 
could go to the laboratory and compare the color of an indicator iq 
his dilution with colors of the same Indicator in solutions of known 
hydrogen ion concentration. Or he can calculate the value of 
using the The equilibrium constant Kj^ can be found in 
Table 14-3. 


JL^nsOuu j 


[CH 3 COOH] 


- - 1.8 X 10" 


The numerical value for is small. This fact tells us that the numer- 
ator in the equilibrium expression must be much smaller than the 
denominator. The chemical reaction is 

CH3COOH - HjO CHjCOO"' 

Every time a hydrogen ion forms, an acetate ion forms. Also every 
time a hydrogen ion forms, an acetic acid molecule must dissociate. 
We can write : 


[H3O'] = [CHjCOO'] 

[CH3COOH] = 002 - [H3OI 

Since the hydrogen ion concentration is very low, we can assume 
that 


[CH3COOH] - 0.02 M 


Substituting in the equilibrium expression gives 


[HaO^jfCHaCQQ-] 

[CH3COOH] 


[H30"][H30"] 

0.02 


= 1.8 X 10'® 


[H 3 O+]* = 0.02 X 1.8 X 10"^ » 36 X lO'* 

[H 3 O+] = 6 X 10"'‘M 

The concentration of HjO''’ is very low. Our assumption that 
[CH3COOH] = 0.02 M is a reasonable one. 

As another example, suppose a solution is made by adding 
0.10 mole of CH3COOH and also 0.20 mole of CHsCOONa, sodium 
acetate, to enough water* to make one liter of solution. Sodium 
acetate is a strong electrolyte, so that the concentration of acetate 
ion from this source would be 0.20 M. The reaction we must con- 
sider is the same as the one in our first example. 


CH3COOH + H2O + CH3COO" 

[CHaCOO'l = 0.20 + [H3O+] 
[CH3COOH] = 0.10 - [H3O+] 


Every time an acetic acid molecule dissociates, its concentration de- 
creases. On the other hand, the concentration of CHjCOO” increases. 
As in our first example, for every there will be one CHsCOO" 
formed. We anticipate that [HaO**"] is quite small and we will assume 
that 


[CH3COO"] = 0.20 M 
[CH3COOH] = 0.10 M 
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Using the equilibrium expression, we find that 




[H 301 [CH 3 COO-] 0.20 X [H 3 OI _ 

[CH 3 COOH] ■ 0.10 

[HjO""] = 9.0 X 10“^M 


Our assumption is quite reasonable. The hydrogen ion concentration 
is very small. 

14-10 Acidic and Basic Properties of the Third Row 
Elements 

As a final topic in this chapter, we will consider the acid-base 
behavior of the hydroxides of the third row elements. The following 
general formula will be useful. 


M-O-H or M : 6 : H 


Here M represents an element from the third row plus unspecified 
oxygen and OH groups. The formula shows only one hydroxide to 
focus our attention on which bond breaks. According to the 
Arrhenius definitions for acids and bases, compounds with this 
structure can act as acids if the MO— H bond breaks. On the other 
hand, such compounds act as bases if the M— OH bond breaks. 
There is a tug-of-war between M and H for the oxygen atom. There 
is competition between and H’*’ for the electrons of oxygen. 


M:0:H 


M : 0 : H 


M:0: + 


M+ + :0;H 


According to Br^nsted and Lowry, these same reactions can be 
described in terms of proton donation. 

M-O-H + H 2 O H 3 O+ + M-0" 

H 2 O + M-O-H M(0H2)+ + OH' 

A] + B2 A2 + B] 

M{ 0 H 2 )'^ can also be written as MCaq)"^. 

The only factor that changes in these reactions is the element In 
the group M. Is there any regularity among the elements that would 
help us decide whether M— O— H would behave as an acid or a 
base ? Perhaps the trend in ionization energies for the elements 
Na to Cl can guide us in answering this question. At best this trend 
may be useful in a qualitative manner only. Remember that ionization 
energy is measured for an element in the gas phase. Application of 



ionization energy to aqueous systems may overlook other important 
factors. 

The elements on the left of the Periodic Table have relatively low 
ionization energies and those on the right have relatively high ioniza- 
tion energies. This suggests that for Na and Mg, electrons would 
be "released" to oxygen. The compounds NaOH and Mg(OH)2 
should be strong bases 


H2O + M-O-H M(0H2)^ + OH' 

In contrast to this behavior, the ionization energy is high if M .is 
S or Cl. The tendency for M to attract electrons from the oxygen 
atom would be very large. The oxygen atom would be less able to 
bind the proton. 


M-O-H + H2O + MO' 

The compounds H2SO4 and HCIO4 should be strong acids. 

What is found for Al, Si, and P? We might expect their com- 
pounds with the M— 0— H structure to have properties intermediate 
to those of the strong acids and bases. The acidic and basic prop- 
erties for the third row elements are summarized in Table 14-6. 


TABLE 14-6 

Trends in Acid or Base Strength 
for the Third Row Elements 


Name 

Formula 

Acid or Base 
Strength 

Sodium hydroxide 

NaOH 

Strong base 

Magnesium hydroxide 

Mg(0H)2 

Strong base 

Aluminum hydroxide 

A1(0H)3 

Very weak acid and 
very weak base 

Silicic acid 

Si(0H)4 or H4Si04 

Very weak acid 

Phosphoric acid 

0P(0H)3 or H3PO4 

Weak acid 

Sulfuric acid 

02S(0H)2 or H2SO4 

Strong acid 

Perchloric acid 

03Cl(OH),or HCIO4 

Very strong acid 


The ionization energy increases from left to right in the Periodic Table. 
Attraction of electrons by M increases. As electrons are withdrawn 
from the O—H bond, the bond weakens and the tendency to release 
the proton increases. Acid strength increases. 

in this group of elements, aluminum hydroxide is listed both as a 
very weak acid and as a very weak base. How can this be ? Aluminum 
hydroxide can donate a proton (acting as an acid) or it can accept 
a proton (acting as a base). Any substance that acts as an, acid 
under some conditions and as a base under other conditions is said 
to be amphiprottc. (Perhaps some of you are ambidextrous, able 
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Phosphoric {HO)zPO 

acid HzPOa 


') 


Sulfunc 

acid 



Perchloric HOCJOz 

acid HCIOa 


FIGURE 14-6 
Structures of H 3 PO 4 , H 2 SO 4 . and HCIO 4 . 






to use either your right or left hand in writing or in throwing a base- 
ball.) Aluminum hydroxide is a white gelatinous material, with very 
low solubility in water. Its amphiprotic nature is demonstrated by 
the fact that AI(OH )3 dissolves either in acids or in bases. 

3 4- A1(0H)3 AP+ + 6 H 2 O 

A1(0H)3 + OH" 5 :^ Alor + 2 H 2 O 

14-11 Review 

In this chapter we have' seen how equilibrium principles can be ap- 
plied to acid-base systems. We began by defining acids and bases 
in terms of the properties of their aqueous solutions. This operational 
approach is very useful. It tells what experiments to carry out to 
decide whether a substance should be classed as an acid or as a base. 

Arrhenius was the first chemist to offer an explanation for the 
behavior of acids and bases. According to Arrhenius, an acid was a 
substance that released a base released OH". Later Br0nsted 
and Lowry proposed a broader definition in which they explained 
the behavior of acids and bases in terms of proton transfer. 

An acid is a substance that can donate a proton, 

A base is a substance that can accept a proton. 
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Not only does this point of view develop the important role of the 
solvent but also it leads to an ordering of acids in terms of their 
tendency to donate protons to the reference base, HjO. The equilib- 
rium constants for these reactions offer a method for dealing with 
acids and bases on a quantitative basis. 

The equilibrium expression for water 

K. - [Hi [OH'] 

emphasizes the importance of water in acid-base systems. In addi- 
tion, the concentrations of and OH' can be controlled easily. 
These ions take part in many important reactions that occur in 
aqueous solutions, often influencing the state of equilibrium or the 
rate of a reaction. 

There afe still other definitions that chemists have proposed for 
acids and bases. We have not discussed them In this chapter. It is 
important for you to realize that these definitions complement each 
other. A chemist finds it convenient to use one set of definitions in 
some of his work but another set when he deals with other systems. 
It is easy for us to forget that much of the chemistry on this planet 
Is tied intimately to the solvent, HjO. If you met a chemist from 
another planet, his definitions fot acids and bases might be linked to 
a different solvent. 


Questions and Probiems for Chapter 14 


1 

Vinegar, lemon juice, and curdled milk, all taste sour. 
What other properties would you expect them to have 
in common ? 

2 

Give the name and formula of three hydrogen-contain- 
ing compounds that are not classified as acids. State 
for each compound one or more properties common 
to acids that it does not possess. 

3 

Devise an operational and also a conceptual definition 
of a gas. 

4 

At 20“C, 0.0090 g of Mg(OH )2 will dissolve to make 
a liter of saturated solution. The magnesium hydroxide 
that dissolves also ionizes. Is Mg(OH )2 a strong or 
weak electrolyte ? Determine [OH“]. 


5 

What will happen to the equilibrium 
CH3COOH H-^ + CH3COO' 

as OH' ions are added ? Even though CH3COOH is a 
weak acid, one mole of it will require how many moles 
of OH" for neutralization? 

6 

As a solution of barium hydroxide is mixed with a 
solution of sulfuric acid, a white precipitate forms and 
the electrical conductivity decreases markedly. Write 
equations for the reactions that occur and account for 
the conductivity change. 

7 

What is the concentration of H‘*^{aq) in an aqueous 
solution in which [OH“] * 1.0 X 10'^ M? 
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8 

The 100 ml of the HCl solution described in Exercise 
14-7 (page 264) is diluted with water to 1.00 liter. 
What is the concentration of H'^(aq) ? What ts [OH"] 
in this solution? 

9 

An eyedropper is calibrated by counting the number of 
drops required to deliver 1.0 ml. Twenty drops are 
required ? 

(a) What is the volume of one drop ? 

(b) Suppose one such drop of 0.20 Af HCI is added to 
100 ml of water. What is [H^] ? 

(c) By what factor did [H"^] change when the one 
drop was added ? 

Answer: (c) [H*^] increased 1000-fold. 

10 

Suppose drops of 0.10 M NaOH are added, one at a 
time, to 100 ml of 0.20 M HCl. See Problem 9 for 
description of the dropper. 

(a) What will be [H"^] after one drop is added ? 

(b) What will be [H’*'] after two drops are added ? 

(c) What will be after three drops are added ? 

11 

Calculate [H'^] and [OH"] in a solution made by 
mixing 50.0 ml 0.200 M HCl and 49.0 ml 0.200 M 
NaOH. 

Answer: [OH"] = 5 X 10"’^ M. 

12 

Calculate [H’*'] and [OH"] in a solution made by 
mixing 50.0 ml 0.200 M HCl and 49.9 ml 0.200 M 
NaOH. 

13 

How much more 0.200 M NaOH solution must be 
added to the solution in Problem 12 to change [H^ 
to10"^Af? 

14 

If the pH of a solution is 5, what is [H'^] ? Is the 
solution acidic or basic? 


15 

What is [H"^] in a solution of pH = 8 ? Is the solution 
acidic or basic? What is [OH"] in the same solution? 

16 

An acid is a substance HB that can form H ■''(aq) in the 
equilibrium : 

H5(aq):<=^H'^{aq) + 5"(aq) 

(a) Does equilibrium favor reactants or products for 
a strong acid ? 

(b) Does equilibrium favor reactants or products for 
a very weak acid ? 

(c) If acid HB] Is a stronger acid than acid H^j, is K] 
a larger or smaller number than /Tj ? 

. [Hi [fir] . [Hi [fir] 

17 

(a) Which of the following acids Is the strongest and 
, which is the weakest? 

ammonium ion, NH 4 '^ (In an NH^CI solution) ; 
hydrogen sulfate ion, HSOr (in a KHSO 4 solu- 
tion), 

hydrogen sulfide, HjS. 

(b) If 0.1 M solutions are made of NH 4 CI, KHSO 4 , and 
HjS, in which will [Hi be highest and in which 
will it be lowest ? 

18 

From a study of Appendix 3, what generalization can 
you make concerning acids which contain more than 
one atom of hydrogen in their molecules or ions? 

19 

When sodium acetate, CHjCOONa, is added to an 
aqueous solution of hydrogen fluoride, HF, a reaction 
occurs in which the weak acid HF loses H'*'. 

(a) Write the equation for the reaction. 

(b) What base is competing with F" for H"*" ? 

20 

(a) Write the equation for the reaction that shows the 
acid -base reaction between hydrogen sulfide, H 2 S, 
and carbonate ion, COj^". 
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(b) What are the two bases competing for ? 

(c) From the values of for these two acids, predict 
whether the equilibrium favors reactants or pro- 
ducts. 

Answer: (c) Products. 


21 

Write the equations for the reaction between each of 
the following acid-base pairs. For each reaction, pre- 
dict whether reactants or products are favored (using 
values of given in Appendix 3). 

(a) HNOjCaq) -H NHaCaq) 

(b) NH/(aq) -F F-(aq) 

(c) C^HjCOOHCaq) -F CHaCOO'Caq) :^:± 


22 

Write the equations for the reactions between each of 
the following acid-base pairs. For each reaction, predict 
whether reactants or products are favored. 

(a) H 2 S 03 (aq) -F HC 03 "(aq) 

(b) H,COj(aq) + S 03 ’-(aq) 

(c) HjSO^Caq) + S 03 "-(aq) 


23 

A 0.25 M solution of benzoic acid (symbolize it H5) is 
found to have [H"^} * 4 x 10"^ M. Assuming the 
simple reaction 

H5(aq) :^=t H-^(aq) -F B"{aq), 
calculate Kj^ for benzoic acid. 


24 

If 23 grams of formic acid, HCOOH, are dissolved in 
10,0 liters of water at 20® C, the [H"^] is found to be 
3.0x10"^M. Calculate 

25 

A chemist dissolved 30 grams of CHjCOOH in enough 
water to make one liter of solution. What is the con- 
centration of this acetic acid solution? What is the 
concentration of H'*'(aq) ? Assume a negligible change 
in [CH3COOH] because of dissociation of H^{aq). 

26 

(a) Nitric acid is a very strong acid. What is [H'^] in 
a 0.050 M HNO3 solution ? 

(b) Flydrogen peroxide, HaO^, is a very weak acid. 
What is [HjOal in 0.050 M solution ? 

27 

A water solution that contains 0.10 Af HF is 1^ 
dissociated. What is the value of its 

Answer: 6.9 X 10“^ 

28 

is the reaction H^(aq) + OH~(aq) HjO exo- 
thermic or endothermic? Use your answer and 
Le Chateli^'s Principle to decide whether increases 
or decreases with increasing temperature. 

29 

A solution containing 0.20 M H3PO3, phosphorous 
acid, is tested with irKiicators and the H‘‘'(aq) concen- 
tration is found to be 5.0 X 10“* M. Calculate the 
of H3PO3, assuming that a second proton cannot be 
removed. 
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Oxidation and Reduction 



Chemists use the words oxidation and reduction to describe 
certain kinds of chemical reactions. There is a very close comparison 
between acid-base reactions, discussed in Chapter 1 4, and oxidation - 
reduction reactions which are the subject of this chapter. There are 
many familiar examples of this type of chemical reaction. Here are 
a few. 


Wood burning In a campfire. 

Gasoline reacting with oxygen in an automobile engine. 

Killing harmful bacteria by adding chlorine to drinking 
water supplies. 

The corrosion of metals. 

Bleaching hair with hydrogen peroxide. 

Lead storage batteries in cars and dry cells in a flashlight are 
examples of electrochemical cells that are very useful. The chemical 
changes in these cells involve oxidation and reduction. When you 
changed the dry cells in a flashlight because the old ones were 
dead, did you wonder what happened inside the cell ? Why does 
electric current flow from a new dry cell but not from one that has 
been used many hours ? These are important questions in chemistry. 
By studying the chemical reactions that occur in an electrochemical 
cell, we will see what chemists mean by the terms oxidation and 
reduction. More important, we will find a basis for predicting 
whether reactants or prodycts are favored in an oxidation -reduction 
system. 


15-1 The Chemistry of Electrochemical Cells 

A good way to investigate what happens in an electrochemical cell 
is to build one. A dilute solution of copper sulfate is placed in one 
beaker. Another beaker contains a dilute solution of silver nitrate. 
A copper strip is put in the CuSOi solution and a silver rod in the 
AgNOa solution. With a wire, the copper strip is connected to one 
terminal of an ammeter which measures electric current The other 
terminal of the ammeter is connected through a resistor to the 



Q^MCuSO^ 


279 


FIGURE 15.1 

Apparatus for an electrochemical experiment. 
The circuit ts incomplete because the 
solutions are not connected. 



FIGURE 15-2 

An electroch^icai experiment in progress. 
The salt bridge connects the solutions 
and completes the circuit. 


silver rod. To complete the electric circuit connection between the 
two solutions must b$ made. One way of doing this is shown in 
Figures 15-1 and 15-2. A glass U-tube is filled with a solution of 
a strong electrolyte, usually KNO 3 or NH 4 CI. This tube is called a 
salt bridge. When the salt bridge is put in place, the ammeter 
needle moves. Electric current moves through the circuit. 

The copper strip gets smaller and the silver rod grows. Apparently 
a chemical reaction takes place. As time goes by, the ammeter 
shows less and less current flow until, finally, there is none. 

How much did the silver rod increase in mass and how much 
did the copper strip decrease? Let us repeat the experiment, re- 
cording the mass of the metal pieces before and after the experiment. 
One set of data indicates the mass of the copper strip has decreased 
0,635 gram. The mass of the silver rod has increased 2.1 6 grams. 
This information is more useful when expressed in moles. 
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Moles of Cu reacting 


Decrease in mass of Cu strip 
Molar mass of Cu 


0.635 g 
63.5 g/mole 

= 0.0100 mole 


Moles of Ag reacting 


Increase in mass of Ag rod 
Molar mass of Ag 


2.16 g 
108 g/mole 

= 0.0200 mole 


A simple relation exists between the amounts of copper and 
silver involved in the reaction. One mole of copper goes into solution 
for every two moles of silver deposited on the silver rod. 

Here is a proposal that may explain these results. Cupric ions, 
Cu^'*', form as atoms of copper release electrons to the wire. The 
electrons move through the external circuit, through the ammeter 
and the resistor, to the silver rod in the other beaker. The positively 
charged silver ions in solution draw electrons from the silver rod 
and become neutral silver metal atoms. These processes can be 
summarized : 

In the beaker on the right, Cu(s) — > Cu^"^ + 25" 

In the beaker on the left, 2 Ag"^ -h 2 e" — >’ 2 Ag(s) 

Adding gives the net equation 

Cu{s) + 2 Ag-^ Cu^^ + 2 Ag(s) 

This reaction describes what goes on in the entire electrochemical 
cell. In half of the cell, copper metal dissolves to form Cu^‘‘‘ ions. 
In the other half of the cell, metallic silver is deposited. Each of 
these reactions is called a half-cell reactioi^i, or more simply, a 
half-reaction. 

There are several important ideas presented in these half-reactions. 

(1 ) In this electrochemical cell, two reactions occur in separate 
beakers. The changes can be considered as two separate 
reactions. Equations for the two half -reactions can be written 
separately. - 

(2) Electrons are written as part of the equation for each half- 
reaction. The ammeter shows that electrons move through 
the circuit. They flow when the reaction starts and do not 
flow when the reaction stops. The fact that the copper strip 
loses mass and becomes Cu^"^ while Ag^ ion is converted to 
Ag metal gives us a means of deducing the direction of elec- 
tron flow through the external circuit. 



(3) New chemical species are produced in each half of the celt. 
The copper strip is converted to copper ions (the strip loses 
mass, the solution becomes bluer). Silver ions are changed 
to metal (the silver rod gams mass). The new species can’be 
explained in terms of electron gain by silver ions and electron 
loss by copper atoms. 

(4) The two equations, when combined, express the overall 
net equation. 

Cu(s) + 2 Ag+ Cu'^ + 2 Ag(s) 

The net equation shows that the number of moles of electrons 
lost by copper atoms exactly balances the number of moles of 
electrons gained by silver ions. 

You may be wondering why there are no electrons shown in the 
net equation. Electrical measurements indicate that the reaction 
mixture always remains electrically neutral. The number of electrons 
lost must equal the number of electrons gained. Since there Is no 
net production or consumption of electrons, they do not appear in 
the equation for the overall reaction. The reaction that occurs in an 
electrochemical cell is conveniently described using two equations 
for the half-reactions. In one, electrons are lost; in the other, 
electrons are gained. To distinguish these half- reactions, two 
identifying names are helpful. 

Oxidatiort occurs in the half-reaction in which electrons 
are lost. Copper is oxidized to cupric ions. 

Cu(s)->Cu^+ + 2 6“ 

Reduction occurs in the half-reaction in which elec- 
trons are gained. Silver ions are reduced to metal. 

2Ag+ + 2e“-->2Ag(s) 

The overall reaction is called an oxidation-reduction or 
a redox reaction. 

It may seem strange that an electron gain can be call^ a reduction ! 
The name for this type of chemical reaction was invented many 
years ago, long before anyone knew about electrons. Early metal- 
lurgists would "reduce" large piles of ore to small piles of metal. 
They reduced the ore to metal. Certainly the meaning of the word 
is quite clear when used in this manner. Years later, chemists sug- 
gested a conceptual definition for reduction : a gain of electrons. 

Electrons enter and leave the cell through electrical conductors 
called electrodes. In the example, oxidation takes place at the 
copper electrode. The electrode where oxidation occurs is called 
the anode. Negative charge leaves this electrode as elections 
move through the external circuit. Positive charge, in the form of 
Cu*'*' ions, is produced in this half of the cell. How is electrical 
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Ammeter 


FIGURE 15-3 

Schematic digram of Cu-Ag 
electrochemical cell. 



neutrality of the solution maintained? Movement of ions through 
the solution provides an explanation. Negative ions drift towards 
the anode and positive ions move away from the anode. Negative 
ions are called anions because they move towards the anode. 

The other half-cell consists of a silver electrode in a solution of 
silver nitrate. Negative charge arrives at this electrode as electrons 
move through the external circuit. At the surface of this electrode, 
electrons encounter Ag"*" ions in the solution. There is a chemical 
reaction : silver metal is formed. Reduction takes place at the silver 
electrode. The electrode where reduction takes place is called the 
cathode. The reaction Ag"^ + e“ — > Ag removes positive charge 
from the solution. Electrical neutrality is achieved as negative ions 
drift out of this half-cell and positive ions move into it. Positive 
ions are called cations because they move towards the cathode. 

The importance of the salt bridge becomes apparent. As the cell 
begins to operate, an excess of positive charge builds up in the 
vicinity of the copper electrode, the anode. A deficiency in positive 
charge builds up near the silver cathode. The negative anions, in 
solution and in the salt bridge, start to drift towards the anode. 
The positive cations, in solution and in the salt bridge, start to 
move towards the cathode. Negative electric charge is carried away 
from the copper anode through the external circuit to the silver 
electrode. Anions carry negative electric charge through the solu- 
tions and the salt bridge back to the copper anode. The circuit is 
complete and an electric current is generated. Figure 1 5-3 shows 
the same operating ceil as Figure 1 5-2 but in the schematic fashion 
we will use throughout this chapter. 
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15-2 Oxidation- Reduction Reactions in a Beaker 

It is not necessary to set up an electrochemical cell in order to study 
an oxidation-reduction reaction. A series of figures explains this 
point. Figure 15-4 shows the first experiment. Instead of the 
external circuit, with ammeter and resistor, the electrodes have been 
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FIGURE 15-7 

Does a chemical reaction occur ? Yes. 
Cu(s) H- 2Ag"(aq) 2Ag(s) -{- Cu2"(aq) 


connected with a wire. Chemical reactions take place as before. 
Copper dissolves at the anode ; silver is deposited at the cathode. 

In Figure 15-5, the salt bridge has been removed. A porous clay 
wall separates the two half-cells. Once again copper dissolves at 
the anode; silver is deposited at the cathode. What happens if we 
take the clay wall away and mix the solutions? Chemical reactions 
still occur. Two additional experiments are suggested. Does any 
chemical reaction take place if a silver rod is placed In a copper 
sulfate solution ? Does any reaction occur if a copper strip is placed 
in a silver nitrate solution? Experiments provide answers to these 
questions. Figures 15-6 and 15-7 show what happens. There is 
no visible reaction when a silver rod is placed in a copper sulfate 
solution. However, the fact that silver crystals form and the solution 
turns blue indicates that a chemical reaction does occur when 
metallic copper is placed in a silver nitrate solution. 

Perhaps you recognize that the chemical system described in 
Figure 15-7 is identical with the one studied In Experiment 7. 
Copper dissolved as metallic silver crystallized. The mole ratio of 
Cu to Ag that you found In Experiment 7 was the same as the ratio 
in our cell. The overall reaction is the same. It seems reasonable 
to explain the reaction in the beaker in the same way the reactions 
in the cell were explained. Of course, there is no external circuit 
for electrons to flow through. The electron transfer occurs as silver 
ions collide with the copper rod. Electrons leave the copper and 
react with the Ag"^ ions. Schematically this transfer can be shown 
as an intermediate step. 

Cu(s) + 2 Ag+ — ( Cu^^---2e~---2Ag-^) -» + 2 Ag(s) 

Because of the presence of Cu, silver ion is reduced. Chemists say 
that Cu acts as a reducing agent. At the same time, Cu is oxidized 
because of the presence of Ag"^. Chemists refer to Ag^ as the 
oxidizing agent. 

Many other oxidation-reduction reactions take place in aqueous 
solutions. One of these was mentioned in Section 14-1 when acids 
were discussed. 

Zn(s)-h2H+-->Zn'+-f-H2(g) 

Each Zn atom loses two electrons. Two ions gain electrons; 
molecular hydrogen forms. Zinc atoms are oxidized ; hydrogen ions 
are reduced. This reaction can be written as two half-reactions. 

Zn(s) — ► Zn^"** -f 2 e“ oxidation 

2 e~ -I- 2 H'*' — > H 2 (g) reduction 

Zn(s) -F 2 H 2 (g) net equation 

Not all metals react with acids. Among the more common 
metals, magnesium, aluminum, zinc, iron, and nickel react with 
HCl solutions to form H 2 . Other n^ls such as copper, mercury, 
silver, and gold do not react with HCf solutions. Apparently some 
metals release electrons to and others do not. 



As a third oxidation -reduction example, place a strip of metallic 
zinc in a solution of copper nitrate. The zinc is soon coated with 
metallic copper and the blue color of Cu^^ in the solution disappears. 
Chemical tests show that the zinc ion, Zn^^, forms and the concen- 
tration of Cu^"^ decreases. The net equation 

Zn(s) + Cu2+->Zn'^ + Cu(s) 

can be separated into two equations. 

Zn{s) Zn^"^ + 2 e" oxidation 
2 e" + Cu^"^ — Cu(s) reduction 

Zinc atoms are oxidized and copper ions are reduced. Here, copper 
Ions gain electrons from zinc atoms. In Experiment 7 and in the reac- 
tion shown in Figure 1 5-7, copper atoms lost electrons to silver Ions. 

15-3 Competition for Electrons 

The reactions that have been discussed can be viewed as competi- 
tion for electrons. A state of equilibrium will be reached when this 
competition reaches a balance between opposing reactions. For the 
reaction of metallic copper with silver nitrate solution, the Cu(s) 
releases electrons and Ag"*" ions accept them. At equilibrium the 
products Cu^’*' and Ag(s) are greatly favored. 

The same sort of competition for electrons is involved in the 
reaction between Zn(s) and Cu^"^. In this system equilibrium 
greatly favors the products, Zn^''' and Cu(s). By way of contrast, 
compare the reaction of metallic cobalt with a nickel sulfate solution. 
Reaction occurs. 

Co(s) + > Co^^ + Ni(s) 

At equilibrium, chemical tests show that both N?"*" and Co^"^ ions 
are present at moderate concentrations. In this example, neither 
reactants nor products are greatly favored at equilibrium. 

Competition for electrons in redox reactions Is very similar to the 
competition for protons In acid-base reactions. 

HB, + B 2 — C + 

M, + M,+ + Mj 

The similarity suggests that a table might be developed in which 
metals are listed by tendency to release electrons just as earlier, acid 
strength was associated with the tendency to release protons 
(Table 14-4, page 267). We can start with the half-reactions 
encountered in this chapter. The equation for the reactions will 
be written to show the release of electrons and then arranged in 
order of their tendency to do so. 

In the reaction between copper and silver ions, copper releases 
electrons to Ag"^. This experimental observation leads us to arrange 
the equations for the two half-reactions with copper first. Copper 
gives up electrons more readily than silver does. 
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Cu{s)“->Cu2+ + 2e- 
Ag(s) — ^Ag’^ + e“ 

Another reaction discussed in Section 15-2 showed that zinc re- 
leases electrons more readily than copper does. The equation for 
the Zn-Zn*^ half-reaction can be placed at the top of the list. 

Zn — >■ Zr?'^ 4* 2 e“ 

Cu~>Cu'+ + 2e“ 

Ag— ^Ag"^ + e~ 

This order suggests that Zn(s) will release electrons to silver ions, 
forming silver metal and zinc ion. It is easy to test this proposal. 
Place a strip of zinc metal in a solution of silver nitrate. The result 
confirms our expectation. The zinc dissolves and crystals of metallic 
silver appear. 

Zn(s) -j- 2 Ag+ -^Zn2+ + 2 Ag(s) 

There is one more equation that can be included in the list. It 
was mentioned earlier that Zn(s) dissolves in a hydrochloric acid 
solution but Cu{$) does not. These data suggest that the H 2 -H'*' 
half-reaction equation should be placed below Zn-Zn^"*" but above 
Cu-Cu^"*". Hydrogen does not release electrons as readily as zinc. 
Hydrogen releases electrons more readily than copper or silver. 

Zn—>ZT?^ -f 2e“ 

Hi ’->2H’^4-2e" 

Cu—^Cu^-^ + Ze" 

Ag— ^^Ag"^ -f- e” 


EXERCISE 15-1 

From the statement that nickel reacts with to give Hj and the 
additional information that zinc metal reacts readily with Ni^"^, decide 
where to place the Ni-Np"^ equation in our list. 


In Chapter 14, we were able to make the discussion of acids and 
bases quantitative by using equilibrium constants. Is there a similar 
way to make quantitative statements for oxidation-reductiOn reac- 
tions? The voltages of electrochemical cells provide such a quantita- 
tive measure. 

1 5-4 Volts, Amperes, and Coulombs 

Some of the words used in describing electrochemical cells may 
seem quite strange to you. Perhaps their meaning will be clear if 
the flow of electric current through a' wire is compared to the flow 
of water through a pipe. Suppose that you were a fireman trying to 
put out a fire arKl that you have just hooked your hose to a fire 
hydrant. You would be interested in three things. 



Is there enough water available to put out the fire? 

You know it won't do you much good to put out half 
the fire. The total amount of water available is im- 
portant. 

How fast can water flow through the pipeline to the 
fire hydrant? You won't be able to fight the fire very 
effectively if there is a large reservoir of water but such 
a narrow pipeline that you get only a very thin trickle 
of water. 

Finally, how high will you be able to reach with the 
water coming out of your hose? How much water 
pressure is there in the system? If the stream of 
water only reaches to the third floor of a building when 
the fire is on the fourth floor, you will have trouble 
putting the fire out. 

Amount of water, its flow rate, and the water pressure are im- 
portant to a fireman. The same kinds of things are important when 
working with electrochemical cells. We need enough electricity, 
moving with adequate rate at sufficiently high pressure to do the job 
at hand. Table 15-1 and Figure 15-8 compare the names of im- 
portant quantities in the fireman's water system with those in a 
chemist's electrochemical cell. 

TABLE 15-1 


A Comparison of Terminology 


Quantity 

Measured 

Units Used 
with Water 

Units Used 
with Electricity 

Amount of flow 

gallons 

coulombs 

Rate of flow 

gallons/minute 

coulombs/second 
(also called amperes) 

Tendency to flow 
(pressure) 

pounds/inch^ 

volts 


Amount of water can be expressed as a number of ^lecules, 
but a more common unit is a gallon. Amount of electricity can be 
expressed as a number of electrons, but a more common unit is the 
coulomb. A.coulornb is 1 .04 X 1 0"^ mole of electrons. 

Rate of flow is amount divided by time. Gallons per minute for 
water and coulombs per second for electricity am often to 
indicate rate of flow. One coulomb per second is also called an 
ampere. A circuit through which one coulomb is passmg per 
second is said to be carrying a current of one ampere. In Section 
1 5-1 0, the amount and rate of flow will be discussed further. 



FIGURE 15-8 

Comparison of terms used for 
water and electricity. 



UWe water 


Few coulombs 
Few electrons 



Much water 


Analogous to 


Many coulombs 
Many electrons 



Few gall mm ’ l^ony gall mm 



Analogous to 


Few coulombs/ sec 
Low amperage 


Many coulombsfsec 
High amperage 




Electrical pressure Is expressed in volts. Voltage is just one of 
the many ways to talk about potential energy. The electrical voltage 
corresponds directly to the water pressure in our story of the fireman. 
A high voltage means that electrons are in a high energy state. 
When the switch is closed in an electric circuit electrons move 
through the circuit They may operate a motor or perhaps light a 
light bulb. Like water flowing downhill, electrons spontaneously 
move from a position of high potential energy to one of low potential 
energy. The voltage of a ceil measures its tendency to do electrical 
work. Different cells show different voltages. 
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15-5 The Voltage of an Electrochemical Cell and the 
Tendency to Release Electrons 

We would like to measure the contribution each half-reaction 
makes to the cell voltage. The voltage for a particular cell may be 
considered as having two parts, the first characteristic of one 
half-reaction and the second part characteristic of the other half- 
reaction. Chemists call these two contributions to the cell voltage 
"half-cell potentials," a term that emphasizes the relation between 
voltage and potential energy. Half-cell potentials are symbolized E. 

Since the voltage of a cell depends on concentration and tempera- 
ture, chemists have agreed to use 25®C as the reference temperature. 

For ionic solutions, the reference concentration is 1 M. For gases, 
a pressure of one atmosphere is chosen as the standard pressure. 

The symbol E° is used to indicate that measurements have been 
carried out at the reference temperature, pressure, and concentration. 

There is a close parallel between the half- reaction view of redox 
reactions and the Bronsted concept of acids and bases. To estab- 
lish a table of acid strengths, the tendency of an acid to donate 
protons to a reference base, HjO, was determined. In redox reactions, 
chemists have agreed to use the H 2 (g)-H'^ half-reaction as the 
reference system. The value 0.00 volt for this half-reaction is an 
arbitrary assignment. It is convenient to measure the tendency for 
a substance M to donate an electron to 

FIGURE IS-SA FIGURE 1S-9B 

The Zn-Zn^* half-cell compared to the The Cu-Cu*^ half-cell compared to tlw 

hydrogen reference half-cell. hydrogen reference half-cell. 




Electrochemical ceils can be constructed in which one half-cell 
is always the reference system, H 2 (g)-H'^. The other half-cell can 
be changed. Figure 1 5-9 shows two examples, with the reference 
half-cell on the right side of each diagram. The first drawing (A) 
represents the cell made from the Zn-Zn^"^ and half-cells. 

Experiments show that zinc dissolves and hydrogen gas forms when 
this cel! operates. The equation for the overall reaction is : 

Zn(s) +2H'-->Zn'+ + H 2 (g) 

The voltmeter shows a reading of 0.76 volt for this combination of 
half-cells. Since chemists have chosen the half-reaction for 
the reference system, then the voltage of the entire cell can be as- 
signed to the2n-Zn^^ half-reaction. The positive sign, £® = -1-0.76 
volt, indicates that Zn has greater tendency to release electrons than 
does H 2 . 


Zn — > Zn^" + 2 e“ P = -j-0.76 volt 

The second electrochemical cell in Figure 15-9 is made from the 
two half-cells, Cu-Cu^"*" and H 2 ~H'‘'. Experiments show that the 
overall reaction for this system is; 

H2(g)--^Cu(s) +2H" 

The voltmeter indicates a value of 0.34 volt. As before this voltage 
can be assigned to the Cu-Cu^"^ half-reaction. 

There is one striking difference between the two cells in Figure 
15-9. The voltmeter needle moves one way for the zinc-hydrogen 
cell. For the copper- hydrogen cell the voltmeter needle moves the 
other direction which suggests that hydrogen molecules have more 
tendency to donate electrons than copper atoms do. The Hj-H 
electron donating tendency is represented by 0.00 volt. We indicate 
that copper has even less tendency to give up electrons by using 
a negative sign with its voltage. Notice how the electron releasing 
tendency for the three half-reactions is indicated by the sign of £®. 


Zn(s)->Zn'+ +2e- 

r = +0.76 volt 

H2(g)->2H+ + 2e- 

r - 0.00 volt 

Cu(s)— 9'Cu'+ + 2e': 

r = -0.34 volt 


Chemists have determined a large number of half-cell voltages. 
The magnitude of the voltage is a quantitative measure of the 
tendency for that half-reaction to release electrons in comparison 
to the Hj-H'*’ half-reaction. If the sign is positive, the half- reaction 
has a greater tendency to release electrons than does H 2 ^ If the 
sign is negative, the half-reaction has fess tendency to release 
electrons than does Hj. 
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Standard Oxidation 
Potentials for Some Half- Reactions 


Very strong 
reducing agents 



P 


Reduced State 




Oxidized State 

(Volts) 

A! 


3e“ 

+ 

Al’+ 

+1.66 

Zn 

— ► 

2 e“ 

+ 

Zn»^ 

+0.76 

Fe 

— ► 

2 e“ 

+ 


+0.44 

Pb + SO,^“ 

— ► 

2 e“ 

+ 

PbSO, 

+0.36 

Co 


2 e“ 

+ 


+0.28 

Ni 


2 e“ 

+ 

Hf* 

+0.25 

H2 

— > 

2 e“ 

+ 

2 H* 

+0.00 

Cu 

— ► 

2 e” 

+ 

Cu‘+ 

-0.34 

21 “ 


2 e“ 

+ 

<2 

-0.53 

Fe'+ 


e“ 

+ 

Fe'- 

-0.77 

Ag 

— > 

a’ 

+ 

Ag* 

-0.80 

NO + 2H2O 

— ► 

3e“ 

+ 

4H-^ + NOj- 

-0.96 

2 Br" 

— ► 

2 e“ 

+ 

Bfj 

-1.06 

2H2O 


4a“ 

+ 

AH^ + Oj 

-1.23 

2cr 

— 

2 a“ 

+ 

Cl, 

-1.36 

Mn^+ + 4 H2O 


5e“ 

+ 

8 H+ + MnOr 

-1.52 

PbS04 + 2 HjO 


2 e“ 

+ 

4H+ + S04*"+ PbOj 

-1.68 

2 F“ 


2 e“ 

+ 


-2.87 



In Table 14-4, page 267, acids are arranged in order of their 
tendency to donate protons to the reference base H2O. Table 15-2 
contains a similar arrangement for reducing agents, showing their 
tendency to donate electrons to the reference oxidizing agent H'*'. 
A more complete list is given in Appendix 4. 

15-6 Predicting Redox Reactions 

Chemists use half-cell potentials to predict whether an oxidation- 
reduction reaction can occur. Here are a few examples. 

Will iron dissolve in a solution that Is 1 M in N?'^' ? We perform 
an experiment and find that it does. How can this obsen/ation be 
related to the tendency to donate electrons? The two half- reactions 
which must be considered appear in Table 15-2. 

Fe Fe^+ -F 2 e' f f = +0.44 volt 

Ni N?-** + 2 e" £5 = +0.25 volt 

From P values it can be concluded that iron has a greater tendency 
to donate electrons than does nickel. This suggests that Iron can 
transfer electrons to the ion, N?*^. Reversing the second equation 
changes the sign for fj. We can add the two half-reactions and also 
the two P values. 


Fe 4- 2 e" £f = +0.44 volt 

2e~ + >Ni £1 = -0.25 volt 

Fe + Ni + Fe^"^ net P = +0.1 9 volt 

Chemical reaction occurs, with metallic iron being oxidized to Fe^"^ 
and metallic nickel forming by reduction of N?"^. The positive sign 
for the net voltage means that the products will be present in higher 
concentrations at equilibrium than will the reactants. 

Here is another example. A number of metals are oxidized by 
1 M HCI to produce hydrogen gas. When this experiment Is carried 
out with silver as the metal, there is no appreciable reaction. How- 
ever, silver metal is readily oxidized by 1 M HNO3. The information 
in Table 15-2 helps us to understand these reactions. 

+2e" £f= 0.00 volt 

2 Ag 2 Ag-^ + 2 e" £| = -0.80 volt 

To solve the problem we have posed, these half- reactions must be 
combined so that Ag and are reactants. This is achieved by 
writing the first as chemical reduction Instead of oxidation. 

2 e" + 2 H+ £f = 0.00 volt 

2Ag-->2Ag'^ + 2e“ El = -0.80 volt 
2 Ag + 2 H*^ — > 2 Ag+ + Hj net P * -0.80 volt 

From a simple experiment we know that Ag does not dissolve in 
1 M H'^'. The P for the net reaction is negative. These two ideas 
are always found together. 

A negate voltage for a reaction means that at equilib- 
rium, the concentrations of reactants are higher than 
the concentrations of products. 

Notice that the P value for the Ag-Ag"^ half-reaction was not 
doubled even though the equation has been multiplied by two. The 
voltage of a cell does not depend on how many moles take part in 
a reaction. Voltage is a measure of electrical pressure. The pressure 
caused by water does not depend on how much water is present. 
Pressure depends on potential energy which is determined by the 
height of the water. The voltage caused by a cell does not depend 
on how much matter is present. Voltage depends on potential 
energy which is determined by the bonding arrangement in the 
chemicals. Changing the number of moles does not change the 
voltage for an electrochemical reaction. 


EXERCISE 15-2 

Calculate the potential expected for the following combinations of 
half-reactions. Assume all ions are 1 M. 

(a) Co + Fe^*^ gives Co^’*’ + Fe^’*' 

(b) Hj + CI 2 gives H^^ + cr 
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(c) r + Mn04“ in acid solution gives + Mn**^ 

Answer: +0.99 volt 

(d) Will Ag + Cr produce Ag^ + Clj? 


To understand the reaction of silver with nitric acid, it seems 
reasonable to focus attention on the nitrate ion. The example above 
showed that H'*’ is not effective. The equations are 

SAg-^SAg-' + ae’ £f = -O.BOvolt 

Se" + 4 + HOf NO + 2 H^O f| =: +0.96 volt 

4 + 3 Ag + NOs” — > 3 Ag"*" + NO + 2 HjO net f® = +0.16 volt 

Experiments show that silver dissolves in 1 M HNO3. The £® value 
for the net reaction is positive. These two Ideas are always found 
together. 

The positive voltage for a reaction means that at 
equilibrium, the concentrations of products are higher 
than the concentrations of reactants. 

In Chapter 14, page 268, a useful regularity was suggested to 
help predict whether an acid-base reaction favored reactants or 
products. A similar regularity can be proposed for redox reactions. 

In Table 15-2, the strong reducing agents are at the top left side of 
the half-reaction list. Aluminum is the strongest reducing agent 
shown. The strong oxidizing agents are at the bottom right side of 
the half-reaction list. Fluorine is the strongest oxidizing agent shown. 

A substance in the left column in Table 15-2 tends to 
react spontaneously with any substance In the right 
column that is lower in the table. 

Qualitative predictions about redox reactions can be made using 
this regularity. For example, we expect Cu(s) to be oxidized to 
Cu^"^ by Brj or HNO3, but Cu(s) would not react with Fe^'^' or Zn^"^. 


EXERCISE 15-3 

Use £® values in Table 1 5-2 to predict whether cobalt metal will 
dissolve in 1 M HCI solutfon. Then predict whether cobalt metal will 
dissolve in 1 Af zinc sulfate solution. 


EXERCISE 15-4 

Use Table 15-2 to decide which substances in the following list 
tend to oxidize bromide ion, Br” 

CI2, H+, HNO3, O2 
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EXERCISE 15-5 


Use Table 15-2 to decide which substances in the following list 
tend to reduce bromine, Brj. 

Cr, Hj, Ni, Fe’+ 


SPONTANEOUS REDOX REACTIONS 

15-7 Storage Batteries and Electrochemical Cells 

Electrochemical cells have very great practical importance. They 
can supply energy at any time we want to use it. Two familiar ex- 
amples are the cells used in flashlights and the lead storage battery 
used in starting some automobiles. Recently there has been renewed 
Interest in developing electrochemical cells that might replace the 
internal combustion engine in an automobile. 

The most common flashlight cell is shown in Figure 15-10, A 
zinc container, the anode, is filled with a paste of ammonium 
chloride, zinc chloride, water, and an inert filler such as asbestos. 
This medium acts as a salt bridge. The central electrode, the cathode, 
is a mixture of carbon and manganese dioxide, Mn02. The chemical 
reactions taking place in this cell depend on the amount of electric 
current drawn. When small currents are involved, these reactions 
probably occur. 

At the anode: Zn + 4 NH3 Zn(NH3)4^-^ + 2 e‘ 

At the cathode : 2 MnO^ -h 2 + 2 e“ MnjOj + 2 NH3 + HjO 

The lead storage battery contains several of the cells shown 
schematically In Figure 15-11. The reactions in this electrochemical 
cell can be represented in this manner. 

At the anode : Pb -F SO4'" — > PbS04 + 2 e" £f = -FO.36 volt 

At the cathode : PbOa -f $04^" + 4 + 2 e" PbS04 -F 2 - + 1 .68 volts 

Net reaction: Pb + PbOj + 4 -F 2 SO^^- 2 PbS04 + 2 HjO = -F2.04 volts 



The net reaction above shows that H2SO4 is consumed as the battery 
is discharged. In addition, FI2O is formed. Over a period of time, 
the electrolyte becomes more dilute. Measuring the density of the 
sulfuric acid electrolyte provides a simple way to know when your 
battery should be recharged. High density for the electrolyte means 
the sulfuric acid concentration is large; low density means the 
sulfuric acid concentration is low. In areas where the winter tem- 
peratures go below (f C, it is important to keep a car battery charged. 
Concentrated solutions freeze at lower temperatures than dilute 
ones do. 


2 volts 
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FIGURE 15-11 

View into a single lead stofage celi, 



Several other cells are used for special purposes. The AgO-Cd 
cell has been used in satellites. This cell can produce ^ large supply 
9 f electrical power .and yet it can be made quite small. The elec- 
trolyte solution contains KOH. The equations for the half-reactions 
are: 


Cd + 2 OH" Cd(0H)2 -h 2 e" E? - -1-0.81 volt 

2 Ago 4- HjO 4 - 2 e" Ag^O 4- 2 OH" EJ - 4-0.57 volt 

Miniature batteries are used in watches, movie cameras, and 
hearing aids to give self-contained power. These batteries often 
are made of HgO-Zn or Ag 20 -Zn. As a last example of cells, we 
mention fuel celts. These are systems that convert the potential 
energy of chemicals like H 2 or CH 4 directly to electrical energy. Such 
cells can operate at about 70% efficiency. The usual process of 
burning a fuel and using the heat energy to form steam for driving 
turbines Is about 20% efficient. A schematic drawing for a CH 4 -O 2 
fuel cell is shown in Figure 15-12, The electrode reactions can be 
represented with these equations. 


Anode: CH, -f- 10 OH“ -> CO,’" + 7 HjO + 8 e" 

Cathode: 20^ -f AHjO -F 8e~ — »-80H~ 

Net reaction : 20} + CH, + 2 OH“ — ► COj^” + 3 HjO 


Et = -0.17 volt 
fj = +0.40 volt 
£' = +0.23 volt 
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Molten carbonates 


1 8ealisuc\ 



FIOURE IS 0 I 2 

Two verstons of a Tnethane-02 fuel cell. 


This reaction is very slow at room temperature. Suitable catalysts 
are necessary to accelerate the electrode reactions. 

15-8 Corrosion of Iron, an Undesirable Redox Reaction 

All of us know that an object made of iron soon shows signs of 
rusting If it is left outside, exposed to the air. Rusting or corrosion 
of iron is a serious economic problem. In fact, one out of every 
four men in the steel industry works to replace the iron lost by 
rusting ! This shows how important control of corrosion is. What 
IS the chemical nature of rusting and how can it be controlled ? 
The observed facts are : 

H 2 O and O 2 are necessary, 
speeds up the reaction. 

Some metals such as zinc and magnesium retard 
rusting. 

Corrosion occurs rapidly where there are the greatest 
strains in the object. 

How can these observations be interpreted ? The most promising 
mechanism seems to require a series of steps that correspond to the 
operation of an electrochemical cell. 

(1) Iron acts as an anode to release two electrons, forming Fe^^. 
This process seems to start most often at a strain point In the 
metal. 

(2) Electrons move through the external circuit (in this case, the 
iron bar itself). Hydrogen ions, H^ in water on the surface 
of the bar accept the electrons. Neutral H atoms form. 

(3) Oxygen in air reacts rapidly with H to form HjO. 

(4) Ferrous ions are oxidized by oxygen. In the presence of 
water, to form rust. 

(5) To complete the electric circuit, electric charge must be 
carried back to the initial point of corrosion. A film of moisture 
on the iron bar serves as an effective salt bridge. 

The comparison between the steps in corrosion and an electro- 
chemical cell suggests a number of ways to minimize corrosion. If 
we interrupt the circuit at any point, electric charge cannot move 
from the anode to the cathode and back to the anode. Excluding O 2 
would interfere with step 3 ; excluding H 2 O would prevent steps 2, 
4, and 5. The most effective way to exclude O 2 and HjO is to cover 
the iron bar with grease, paint, or a metal like tin which is a weaker 
reducing agent than iron. Any break in the tin covering, however, 
gives rise to faster rusting than before. A "tin can" which is tin- 
covered steel rusts rapidly after it starts to corrode. 

A much better way to prevent corrosion of iron involves bringing 
a stronger reducing agent than iron into the system. A metal such 
as zinc or magnesium in close contact with iron becomes the anode, 
forcing iron to act as the cathode. The zinc or magnesium piece is 
oxidized, releasing electrons. The iron bar does not corrode. Ship 




hulls are protected in this fashion. Large blocks of magnesium metal 
are bolted to the steel hulls. The magnesium oxidizes largely pre- 
venting loss of iron from the hull. 
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WONSPONTANEOUS REDOX REACTIONS 
15-9 The Electrolytic Process 

This chapter has been concerned v\rith redox reactions that proceed 
spontaneously. But the same ideas can be applied to reactions that 
are forced to take place, against their natural tendency. We do this 
by supplying energy with an externally applied electric current. Such 
a process is termed electrolysis. In Chapter 3, page 43, electrolysis 
of water was discussed. The parts of a suitable circuit can be listed. 

(1 ) Two carbon rods to serve as electrodes. 

(2) A solution of sulfuric acid, 1 M in H*'*. 

(3) An ammeter to show current flow in the system. 

(4) A voltmeter to indicate the voltage applied to the cell. 

(5) The battery to provide any voltage we want from 0.0 volt up 
to 2.0 volts. 

The voltage is gradually increased. At low voltages there is no 
current flow through the circuit and there is no visible change in 
the solution. But when the voltmeter reads 1 ,23 volts, bubbles of 
gas begin to form at each electrode. The ammeter indicates that 
electric current flows through the circuit. As the voltage is increased 
further, the current increases. The evolution of gas at each electrode 
also increases. Chemical tests show that the gas formed at the 
cathode is and the gas formed at the anode is Oj. The equation 
for the reaction is 

2H20“->2H2 + 02 

Since this is an oxidation-reduction reaction, we can write equa- 
tions for the two half- reactions 

2 HaO O 2 + 4 4- 4 e" f f = -'1.23 volts 

4H'^ -}-4e"— ► 2 H 2 0.00 volt 

Net equation 2 HjO — > 2 Hj 4* O 2 f ® “ -1.23 volts 

The negative voltage tells us that the reaction is not spontaneous. 
No electrode reactions can take place until the voltage from the 
battery in the external circuit reaches at least 1.23 volts. That 
much electrical pressure is necessary to oppose the voltage that 
the electrochemical cell can generate. In practice, more than 
1.23 volts must be applied to get current flow. The reasons are 
too complex to discuss here. 

An important electrolytic method converts 98-99% pure copper 
into 99.94-% copper. Copper is second only to silver as a conductor 
of electricity and is widely used in electrical circuits, Hov^er, small 
amounts of impurities reduce the conductivity of copper. An elec- 
trolytic cell can be used to purify copper. Figure 15-13 shows 
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this process In use. The impure copper is made the anode and a 
thin sheet of very pure copper serves as the cathode. The solution 
in the cells contains copper sulfate. As soon as any voltage is 


FIGURE 15-13 

Electrolysis cells for purifying copper. Utah 
Copper Division, Kennecott Copper Corporation. 



applied to the cells, current flows. The copper anode is oxidized to 
Cu^”^ ions. Copper deposits on the cathode as Cu^'*' ions are reduced. 
The equations for the electrode reactions show what happens during 
this electrolysis. 

Cu (anode) Cu^+ + 2 e" = -0.34 volt 

2 e“ + Cu (cathode) El - +0.34 volt 

Cu (anode) — > Cu (cathode) = 0.00 volt 

Here is an interesting situation! Apparently the only change 
during this electrolysis is the transport of copper from the anode to 
the cathode. Common impurities in copper are iron and silver. 
The first is an element which is more easily oxidized than copper 
and the second is an element which is less readily oxidized than 
copper. The equations and P yalues for the half-reactions of these 
three elements are 


Fe— >-Fe’+ +2e" "■ 

P = +0.44 volt 

Cu^Cu'+ + 2e- 

P ^ -0.34 volt 

Ag — »■ Ag'*' + e“ 

P -0.80 volt 
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If the voltage is controlled, only iron and copper are oxidized at the 
anode. The silver is not oxidized. It drops to the bottom of the 
electrolytic cell and is recovered by other means. At the cathode, 
copper is more readily reduced and iron stays in solution. Only 
copper, with very high purity, plates out on the cathode. 


EXERCISE 15-6 

The electrolysis of fused NaCI produces sodium metal at the cathode 
and chlorine gas at the anode. Write equations for the two half- 
reactions that occur in this electrolysis. 


A number of other substances are made commercially by elec- 
trolysis. Some of them are illustrated in the next section as part of 
the study of how much electricity is needed to produce a given mass 
of material. 

1 5-10 Quantitative Relations in Electrolysis 

Michael Faraday was the first chemist who tried to explain electroly- 
sis. His experiments offered support for Dalton's Atomic Theory. 
Electricity, like atoms, seemed to come only in packages. Today 
electrolysis can be treated in a quantitative fashion in terms of 
half- reactions and their £® values. 

Figure 15-14 shows three electrolytic systems of great industrial 
importance. These cells are connected. When the switch is closed, 
electrons flow in the circuit. The current entering the cell on the 
right will be tfie same as the current leaving the cell on the left. 
The same number of electrons move through each cell per unit time. 
The total electric charge carried through this circuit can be calculated. 



FIGURE 15-14 

Three electrolyHc processes used tn industry. 




300 


Millikan's oil drop experiment (Section 6-5, page 90) showed that 
the charge on the electron equals 1.6 X 10"” coulomb. One mole 
of electrons would carry a total charge of 


Ve X X - 9.6 X 

Akntrnn A mo 6 / IDO 6 


More precise measurements lead to a value of 96,454 coulombs per 
mole of electrons. This number is referred to as "one Faraday" in 
recognition of Michael Faraday's contributions to electrochemistry. 
The equations for the half- reactions indicate what is taking place in 
each cell. 



Cathode reactions 

Anode reactions 

Cein 

Na"^ + e~ — Na(s) 

Cr-^VjClj-l-e" 

Cell 2 

V2Mg'+-(-e--9-V2Mg(s) 

cr->V,cij-i-e- 

Cells 

V,AP+-he"-^VjAI(s) 

'/2H,0->V4 0j +e--t-H+ 


When 9.6 X 10^ coulombs of electricity pass through this circuit, 
one mole of electrons moves through each of the three cells. The 
net chemical reactions produce 

Cell 1 1 mole Na plus % mole Clj 

Cell 2 V2 >^ole Mg plus % Clj 
Cell 3 V 3 mole Al plus % mole O2 


The total number of coulombs moving through an electrical 
circuit measures the total flow of electricity. The rate of flow, or 
the current passing a point, is specified by coulombs per second. 
A rate of one coulomb per second is called one ampere. 

Amperes =* coulombs/second 


Suppose a constant current of 2.0 amperes flows through each of 
the three electrolytic cells for 10 hours. The number of coulombs 
can be calculated : 


Coulombs = amperes X seconds 

6 .^,. r.^min sec 

== 2.0 amp xlOhrxSO— x60 — 
hr mm 

= 7.2 x 10^ amp-sec 


Moles of electrons 


Number of coulombs 
9.6 X lO^couIombs/mole 
7.2 X 
9.6 X 10^ 

0J5mole 


Looking at the dectrode reactions given above, the mass of each 
product can be calculated. 
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Celll 
grams Na 

grams CI 2 

Cell 2 
grams Mg 

grams CI 2 

Cells 
grams A1 

grams Oj 


0.75 mole electrons X 


0.75 mole electrons x 


1 mole Na 23 g 
mole electrons mole Na 

V 2 mole Cl; 71 g 

mole electrons mole Cl, 


i7g 

27 g 


0.75 mole electrons X ~ X =90 

mole electrons mole Mg 

A ic 1 t . V 2 mole Cl, 71 g 

0.75 mole electrons X — ^ X ^ * 27 

mole electrons mole Cl 


0.75 mole electrons X 
0.75 mole electrons X 


V 3 mole Al 
mole electrons 
V 4 mole O 2 
mole electrons 


, 27g 
' mole Al 
, 32g 
“ mole O 2 


6.8 g 
6.0 g 


15-11 Balancing Oxidation- Reduction Equations 

A balanced equation shows that mass and electric charge are con- 
served in a chemical reaction. More important to the chemist the 
mole ratios for reactants and products are given by the coefficients 
m the balanced equation. For many reactions, a bit of trial and error 
quickly leads to the assignment of the proper coefficients. Some- 
times oxidation -reduction reactions are not readily balanced by this 
approach. There are systematic ways to balance redox equations. 
We shall discuss three methods. 

Method / Balance by Inspection 

In Experiment 2, you observed the reaction between metallic 
aluminum and cupric chloride solution. Although several chemical 
reactions were occurring simultaneously, the principal one was the 
formation of copper metal as aluminum dissolved. It is not difficult 
to balance the equation for this reaction. It can be done by Inspec- 
tion. Here are the steps. 

1 . Write reactants and products. 

Al -h Cu^*^ AP-^ -I- Cu 

(Atoms balanced ; charge not balanced) 

2. Balance electric charge. 

Al H- 3 Cu 2-^-^2AP'^ + Cu 

(Charge balanced; atoms not balanced) 

3. Balance atoms. 

2AI-f 3Cu^+’— >2AP'^ + 3 Cu 

(Charge balanced ; atoms balanced) 
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The equation is now balanced: two moles of aluminum metal will 
reduce three moles of cupric ion. 


EXERCISE 15-7 

Write balanced equations for these redox reactions by inspection. 

reactants products 

(a) Zn + Ag"^ — >■ Ag + 

(b) Cr^" + I 2 + Cr^^ 

(c) Ti + FejOa TiOj + Fe 


Method If Use the Table of Half-Reactions 
In Experiment 24, you observed that ferrous ions reacted with 
permanganate ions In acid solution. It is too laborious to balance the 
equation for this reaction by inspection, particularly since there is 
another, much easier, way to balance it. First write the reactants and 
products. 


Fe'+ + Mn 04 " ^ Mn^-^ + Fe^"- 

Then look in the table of oxidation potentials. Appendix 4, for the 
two half- reactions containing these substances 

Fe2+-^Fe'Ue“ 

5 e" + 8 + MnOr — > + 4 HjO 

There must be the same number of electrons in each half-reaction 
equation since electric charge does not build up in a redox system. 
Multiplying the first equation by five provides the electrons that 
permanganate gains. 

5 Fe^-" 5 Fe^+ -f 5 e" 

5 e~ -F 8 -f Mn04" Mn^^ -h 4 H 2 O 

8 -h 5 Fe^+ -F Mn04" Mn'’' + 5 Fe^^ + 4 H 2 O 

The electric charge for the reactants (-F8 -F5 x 2-1 =+17) 
is equal to the electric charge for the products (+2 + 5x3 = +17). 
This Is a very quick way to check the balanced equations. 


EXERCISE 15-8 

Write balanced equations for these reactions by finding the half- 
reaction equations in Appendix 4. 

(a) CrjO/" + Hg — > Cr^^ + Hg^'^ 

(b) Mn04‘' + H 2 O 2 Mn'^ + 0^ ' 

(c) H 2 O 2 + SO 2 2 H''+ $ 04 ^- 
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Many examples of redox reactions are too complicated to balance 
by the inspection method. Yet if the needed half-reaction equations 
are not In the table In Appendix 4, then another method is needed 
to balance the equation. Consider the reaction between zinc metal 
and sodium vanadate. As usual, write the reactants and products 

Zn 4- VO3"— 

The equation for the zinc half-reaction can be written easily either 
by inspection or by looking in Appendix 4, 

Zn-^-^Zn^-^ + Ze' 

The equation for the vanadate half-reaction does not appear in 
Appendix 4. Here is a simple procedure to find the equation for a 
half- reaction. 

Step 1 Begin writing the half-reaction equation by showing re- 
actant going to product. Balance the number of V atoms 
(in this example, one vanadium atom appears in reactant 
and product). 

Step 2 Oxygen balance. Add HjO to balance the number of 
oxygen atoms. 

VOj-— -f-ZHjO 

Step 3 Hydrogen balance. Add to balance the number of 
hydrogen atoms. 

4H'' + V 03 “-~>V 0 ^+ -f-ZHjO 

Step 4 Charge balance. Add e" to balance the charge. In Step 3, 
the charge for the reactants equals -1-4-1 « -f-3 and for 
the products -1-2, We must add one electron to the re- 
actants to achieve charge balance. 

e- + 4 H+ + yOf VO'"- 4- 2 H^O 

This is the required half-reaction equation. Combine it with the 
equation for the Zn-Zn^"^ half-reaction. Remember that the number 
of electrons must be the same in each equation. 

Zn-^Zn^^ + 2e” 

2 e- + 8 H-' -i- 2 VO3” 2 + 4 H^O 

' 8 H-' + Zn + 2 VO3- IW* + Tx?* + 4 HjO 

f^inal check on charge balance. 


(+8 - 2) = +6 = (+4 + 2) 
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Here is a much more complicated example in which both half- 
reaction equations must be generated. The same series of steps will 
lead to the balanced half-reaction equations. 


p, + 103- H^por + r 

Step 1 Begin writing the half-reaction equations by showing re- 
actants going to product, balancing the P and I atoms. 

P,-^4H2POr 

IO3' — ^ r 

Step 2 Oxygen balance. Add HjO as needed to balance the 
number of 0 atoms. 

I6H2O + P,— ^AHjPOr 
103“ — > r -P 3 H2O 

Steps Hydrogen balance. Add as needed to balance the 
number of H atoms. 

16 H2O + P4 4 + 24 H+ 

Step 4 Charge balance. Add e" as needed to balance the charge. 

16 HjO + P 4 4 H 2 PO 4 " -I- 24 + 20 e^ 

6e"-f 6H’^ + IO3 "— >r + 3H2O 

These are the required half-reaction equations. Combine them after 
making the number of electrons the same in each equation. In this 
example, we need 60 e” in each equation. 

48 H2O -P 3 P4 -> 12 H2P04~ + 72 H+ -P 60 e~ 

60e" -P 60 -P 10 103"“ 10 1“ -P 30 HgO 

18 H2O -P 3 P4 -P 10 lOj- 10 r -p 12 H 2 PO 4 " + 12 

Final check on charge balance 

O-PO-10* -10-12 + 12 
-10 * -10 

s 

EXERCISE 15-9 

Write balanced equations for these redox reactions using Method III. 

(a) NjHj+ -1- PuOj*+ Pu*+ + Nj 

(b) Zn + NO,- NH/ 4- Zn^^ 

(c) S,0,’- + BiO,- Bi’+ + SO/- 



15-12 Oxidation Numbers 
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When metallic iron is oxidized, two electrons are given up as ferrous 
ion, Fe^'*', forms. Then when ferrous ion is oxidized, another electron 
must be given up as ferric ion, Fe^"^, forms. Chemists have found it 
useful to assign oxidation numbers to atoms or ions that enter into 
redox reactions. 

Fe oxidation number ?= 0 

Fe^'*' oxidation number * +2 

Fe^^ oxidation number * 4-3 


Iron as the element is electrically neutral. The oxidation number 
assignment of zero is easy to understand. Since negative charge is 
carried away by the electrons, assignment of positive oxidation 
numbers are given to ferrous and ferric ions. 

When chlorine is reduced to chloride ion, each atom in the 
molecule gains one electron. The oxidation numbers for chlorine and 
chloride ^re zero and -1. Often, the oxidation number for an ele- 
ment is not quite as obvious as in these examples. Manganese 
and some of its compounds can serve to illustrate the problem. 
What would the oxidation number be for Mn in each of these 
substances? 

Mn oxidation number * 0 

Mn^"^ oxidation number = 4-2 

MnOj oxidation number = ? 

KMnOx oxidation number = ? 


There is no difficulty in assigning oxidation numbers for mangan^ 
as the element, Mn, or as the ion, Mn^'*'. How do we assign oxidation 
numbers to manganese and oxygen in Mn02? Since MnOj is a 
neutral compound, the oxidation numbers for the dwee atoms must 
add up to zero. If an oxidation number is assigned to oxygen in 
Mn02, the oxidation number for manganese can be calculated 
quite readily. 


If oxidation number 
of oxygen is 
0 
-1 
^2 


oxidation number of 
manganese is 
0 
4-2 
4-4 
4-6 


The first two values for manganese in Mn02 do not seem reason- 
able. Manganese dioxide, MnOj, does not have the chemicai 
properties exhibited by metallic manganese or by Mn ton. How 
can m decide wh^ber 4-4 or 4-6 (or some other value) is a reen- 
able oxfd^ton number for manganese in MnOj? Chemists have 
agreed on a set of rules to follow In assigning oxidation numbers. 
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(1 ) The oxidation number for atoms in their elementary state is 
zero. 

(2) The oxidation number for any monatomic species is the net 
charge on the atom or ion. 

(3) The oxidation number for oxygen is -2 in all its compounds 
(except in peroxides where it is -1 ). 

(4) The oxidation number for hydrogen is +1 m all its compounds 
(except in hydrides where it is -1 ). 

(5) All other oxidation numbers are assigned so that the sum of 
oxidation numbers equals the net charge on the molecule or 
ion. 

A few examples will illustrate the use of these rules. What will 
be the oxidation number for manganese in potassium permanganate, 
KMn04? This salt ionizes to form and MnO^ ions. Apply 
Rule 5 to find the oxidation number (Ox. No.) of manganese in 
Mn04“. 

Ox. No. Mn + 4(Ox. No. 0) = -1 
Rule 3 helps us : 

Ox. No. Mn + 4(-2) = -1 
Ox. No. Mn = +7 

The dichromate ion has the formula CrjO/^". What is the oxidation 
number for Cr in this ion ? The sum of the oxidation numbers for 
the two Cr and seven 0 atoms must = -2, the charge on the 
dichromate ion. 

2(0x, No. Cr) + 7(Ox. No. 0) - -2 
2(0x. No. Cr) +7(-2) = -2 
2(0x. No. Cr) = +12 
Ox. No. Cr - +6 

EXERCISE 15-10 

Nitrogen forms a large number of compounds with hydrogen and 
oxygen, Calculate the oxidation numbers for N in these compounds. 

NH3, NjO, NO2, N2O4, NO2" HNO3 

EXERCISE 15-11 

Calculate the oxidation numbers for P in these acids. 

H3PO2, H3PO3, H3PO4 



307 


Chemists sometimes use oxidation numbers in naming compounds. 
For example, iron forms two different compounds with chlorine. It 
is important to distinguish one from the other, both with chemical 
symbols and with words. In this book, the three systems indicated 
in this example are used at various times. 

FeClj FeCIs 

Ferrous chloride Ferric chloride 

Iron dichloride Iron trichloride 

Iron(ll) chloride Iron(lll) chloride 

The endings -ous and -ic survive from the early days of chemistry 
when fewer compounds were known. This system is suitable when 
only two compounds are known for the pair of elements. In such 
cases, the endings -ous and -ic are used to modify the element 
name and indicate lower and higher oxidation number. Cuprous 
chloride is CuCI ; cupric chloride is CuClj. 

The prefixes di- and tri- distinguish between the two iron chlorides. 
Some other examples using prefixes to name compounds are shown 
below. 


NO Nitrogen monoxide 

NO2 Nitrogen dioxide 

N2O4 Dinitrogen tetraoxide 

N2O5 DInitrogen pentaoxide 


The third approach to naming compounds is called the Stock 
system, after the chemist who first suggested this method. Roman 
numerals are used to tell the oxidation numlser for the principal 
element or ion. Chemists use ail three ways to name a compound 
and we have done the same thing in this book. For rather complex 
substances, the Stock system provides an unambiguous name. Here 
are two examples. 


Fe(SCN){H20)5^'‘' pentaaquothiocyanoiron(ll!) ion 

CrCl2(NH3)4’‘' dichlorotetraaminochromium{fll) ion 


15-13 Review 

An understanding of what chemists mean by the words oxidation 
and reduction has been developed in this chapter. The operation of 
an electrochemical cell brings out the essential features of oxidation- 
reduction reactions. 

Oxidation takes place at the anode of an electrochemical cell as 
electrons are released to the external circuit. Oxidation corresponds 
to the toss of electrons. 

Reduction takes place at the cathode of an electrochemical cell 
as electrons are accepted from the external circuit. Reduction corre- 
sponds to the gain of electrons. 
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Oxidation and reduction must always take place together. Elec- 
trons lost when oxidation occurs are gained when reduction occurs. 
Recognition that redox reactions can be interpreted as the sum of 
two half- reactions provides a systematic method for comparing the 
strength of oxidizing and reducing agents. In the discussion of 
Bronsted acids and bases in Chapter 14, a quantitative measure of 
acid strength was obtained by determining the tendency for an acid 
to donate a proton to the reference base HjO. The strength of a 
reducing agent can be measured by determining the tendency for 
a reducing agent to donate an electron to the reference oxidizing 
agent 

The quantitative scale that ranks reducing agents is expressed in 
terms of volts. The voltage of any electrochemical cell is a measure 
of the potential energy of the redox system. A positive value for the 
voltage is Interpreted to mean that, at equilibrium, the concentration 
of the products will be greater than the concentration of reactants. 
A negative value for the voltage is interpreted to mean that, at 
equilibrium, the concentration of reactants will exceed the concen- 
tration of products. 

Spontaneous electrochemical systems are important sources of 
energy. The lead storage battery and the cells used in flashlights are 
two examples. Nonspontaneous electrochemical systems are im- 
portant for the preparation of a number of essential chemical sub- 
stances: chlorine, sodium hydroxide, magnesium, aluminum, and 
bromine are a few examples. The word electrolysis is used when 
energy forces an electrochemical reaction in the nonspontaneous 
direction. 

Methods to balance oxidation-reduction equations include inspec- 
tion, use of the table of half- reactions, and devising the needed 
half-reactions. Chemical nomenclature is reviewed briefly. 


Questions and Problems for Chapter 15 


1 

(a) If a neutral atom becomes positively charged, has 
it been oxidized or reduced? Write a general 
equation using M for the neutral atom. 

(b) tf an ion X“ acquires a 2- charge, has it been 
ox^ized Of r^uced ? Write a general equation. 


2 

If you wi^ to replate a silver spoon, would you make 
it the mode or cathode in a cell ? Use half-reactions 
in your explanation. How many moles of electrons are 
needed to plate out 1 .0 gram of Ag ? 


3 

Figure 15-2 shows electrons leaving the Cu(s) elec- 
trode and going to the Ag (s) electrode. Experimentally, 
both half-cells are found to be electrically neutral before 
current flows and to remain so as the cell operates. 
Explain this. 

4 

Equations for two half-reactions taking place in an 
electrochemical cell are: 

Fe — > Fe^+ -1- 2 e’ 2 e" + Sn*+ — ► Sn 

Which metal serves as the anode ? Which the cathode ? 
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Equations for two half- reactions taking place in an 
electrochemical cell are : 

Cr-^Cr^+ + 3e’ 

2 8-“ + Pb2-^~>Pb 

This cell is similar to the one discussed in Section 1 5-1 , 
page 278. How many grams of Pb will deposit on the 
cathode when 1.56 grams of Cr dissolves from the 
anode ? 


6 

One method of obtaining copper metal is to let a 
solution containing Cu^'*' ions trickle over scrap iron. 
Write the equations for the two half- reactions. Assume 
Fe^"^ forms. Indicate in which half-reaction oxidation 
is taking place. 

7 

Aluminum metal reacts with acidic solutions to liberate 
hydrogen gas. Write equations for the two half- 
reactions and the net ionic reaction. 


8 

When copper is placed in concentrated nitric acid, 
vigorous bubbling takes place as a brown gas is 
evolved. The copper disappears and the solution 
changes from colorless to a greenish-blue. The brown 
gas is nitrogen dioxide, NO 2 , and the solution's color 
is due to the formation of cupric ion, Cu^'*’. Using 
half-reactions from Appendix 4, write the net equation 
for this reaction. 


9 

In acid solution the following are true: HjS will react 
with oxygen to give H 2 O and sulfur. HjS will not 
react in the corresponding reaction with selenium or 
tellurium. HjSe will react with sulfur giving HjS and 
eelenium but it will not react with tellurium. Arrange 
the hydrides of column VI, H 2 O, H 2 S, H 2 Se, and H 2 Te, 
in order of their tendency to lose electrons to form the 
elements, O 2 , Sg/ Seg, and Teg. 


10 

How many coulombs are needed to form 1 mole of Ag 
from a 1 M AgNO, solution ? 

Ag^ + e“ — ► Ag 

11 

A 100 watt light bulb, when operated in a 110 volt 
household circuit, has a current of 0.9 amperes flowing 
through it. In one minute, how many electrons pass 
through the light bulb ? 

12 

A flashlight bulb will burn out almost instantly if con- 
nected to a 110 volt household circuit This does not 
happen if a 1 ’^2 volt dry cell is connected to the bulb. 
Explain. 

13 

If a copper wire carries a 0.1 ampere current, how many 
moles of electrons pass through the wire each second? 

14 

Complete the following equations. Determine the net 
voltage of each cell and decide whether reaction can 
occur. 

(a) Zn + Ag-^— ► 

(fa) Cu -f Ag+ 

(c) Sn -f Fe^^ 

(d) Hg + H+ 

15 

For each of the following, 

(i) write the equations for the half-reactions; 

(ti) determine the net equation; 

(iii) predict whether the reaction can occur, giving the 
basis for your prediction : 

(a) Mg(s) + Sti'+ 

(b) Mn{s) + Cs+ — ► 

(cj Cu(s) + 0,(9) — ► 

(d) Zn(s) + Ftf + — ► 

(e) Fe(s) + Fe’+ -> 
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16 

A half-cell consisting of a palladium rod dipping into 
a 1 M Pd(N 03)2 solution is connected with a standard 
hydrogen half-cell. The cell voltage is 0 99 volt and 
the platinum electrode in the hydrogen half-cell is the 
anode. Determine for the reaction 

Ptl-^Pd2-r + 2e- 

17 

Suppose chemists had chosen the reference reaction to 
be 2 r — >■ + 2 5“ with zero potential. 

(a) What would f® have been for Na — ^ Na"^ + e“? 

(b) How much would the net potential have been 
changed for the reaction 

2Na-{-l2~^2Na+-f 21" 

18 

If a piece of copper metal is dipped into a solution 
containing Cr^*^ ions, what will happen^ Explain, 
using f® values. 

18 

What will happen if an aluminum spoon is used to stir 
an Fe(N 03)2 solution ? What will happen if an iron 
spoon is used to stir an AlCIs solution ? 

20 

Can 1 M Fe 2 {S 04)3 solution be stored in a container 
made of nickel metal ? Explain your answer. 

21 

In Section 15-6, the reaction of iron with a solution of 
nickel ions was discussed. Will the reaction 

2Fe^^ + Ni^-^->2Fe3+ + Ni 

occur? What is the net voltage ? 

22 

Most of the bromine produced in the United States is 
made by oxidizing Br" to Brj using Clj. What is £° 
for this reaction ? 


23 

Which of the half-reactions will spontaneously reduce 
Cu^" to Cu(s) ? 

(a) Sn^-^toSn'^ 

(b) Cr to Cl 2 (g) 

(c) AutoAu^"*" 

(d) Mn 04 " to 

(e) AgtoAg^ 

24 

Which of the half-reactions will spontaneously oxidize 
Fe^-" to Fe^^? 

(a) Ag^toAg 

(b) Ptf to Pb 

(c) Ap-^toA! 

(d) MnO^" to Mn^"^ 

(e) Li to LI'*’ 

25 

The four elements W, X, Y, and Z form diatomic mole- 
cules and also form singly charged negative ions The 
following observations are made in a series of experi- 
ments. 

2X--hY2 gives2Y‘ + X 2 
2 W" -1- Yj no reaction 
2 Z" -f Xj gives 2 X" -f Zj 

Use these observations to write equations for each 
oxidation half-reaction. Arrange them in a short oxida- 
tion potential series. Which ion is the strongest reducing 
agent? Which molecule is the strongest oxidizing 
agent? 

26 

In the electrolysis of aqueous cupric bromide, CuBrj 
0.500 gram of copper is deposited at one electrode. 
How many grams of bromine are formed at the other 
electrode ? Write the anode and cathode half- reactions, 

27 

Determine the oxidation number of uranium in each of 
these known compounds: UO3, UaOg, U2O5, UOj, UO, 
K2UO4, MgU207. 



28 

Write a balanced equation for the reaction between 
stannous ion, Sn^"^, and permanganate ion, MnO^" in 
acid solution to produce stannic ion, Sn*"^ and 
manganous ion, 

29 

Use Appendix 4 to write a balanced equation for each 
of the following reactions ; 

(a) HjOj + I" + gives HjO + Ij 

(b) + Fe2+ + H + gives Cr^^ + Fe^-" + H^O 

(c) Cu + NOa" + H"*" gives Cu^"^ + NO + HjO 

30 

Give a balanced equation for each of the following 
reactions : 

(a) HBr + H2SO4 gives SO2 + Brj + HjO 

(b) NOa" + Cl“ + H+ gives NO + Clj + HjO 

(c) Zn + NOa" + H + gives Zn^+ + NH/ + HjO 

(d) BrO~ gives Br" + BrOa” 

31 

Iodine is recovered from iodates in Chile saltpeter fay 
the reaction 

HSOa" + lOa" gives I2 4- 30,^“ + +‘H20 

(a) How many grams of sodium iodate, NalOa, react 
with 1 .00 mole of KHSO3? 

(b) How many grams of iodine, Ij, are produced ? 

32 

The chlorine used to purify your drinking water was 
probably made by electrolyzing molten NaCl to produce 
liquid sodium and gaseous chlorine. 
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(a) How many grams of sodium chloride are needed 
to produce 355 grams of chlorine gas ? 

(b) What volume would this gas occupy at STP ? 

33 

A 6 volt lead storage battery contains 700 grams of 
pure HjSO^f/) dissolved in water. 

(a) How many grams of solid sodium carbonate, 
N32CO3, would be needed to neutralize this acid 
(giving CO2 gas and HjO) if it were spilled ? 

(b) How many liters of 2.0 M NajCOa solution would 
be needed ? 

34 

Nitric acid, HNO3, is made by the process 

3 NOaCg) + HjOC/) 2 HNOjC/) 4- NO(g) 

Commercial concentrated acid contains 68% by weight 
HNO3 it^ water. The solution is 1 5 Af. How many liters 
of concentrated acid are needed to react with 0.100 kg 
of copper metal ? 

Cu 4“ H"^ 4- NO3" gives Cu^"^ 4- NO2 4- HjO 

Answer: 0.42 liter of HNO3 

35 

How many grams of silver metal will react with 2.0 
liters of 6.0 M HNO3? The reactants and products are 

Ag 4- H+ 4“ NO3" gives Ag+ 4- NO + HjO 

36 

How many milliliters of a 0.050 M KMn04 solution are 
required to oxidize 2.00 grams of FeS04 in a dilute 
acid solution ? 

Answer: 53 ml of KMn04 solution 



Molecular Structure 



There are always three questions a chemist hopes to answer when 
he has synthesized a new compound. 

Which elements, in what amounts, are present in this 
compound ? 

How many atoms of each element occur in one mole- 
cule? 

How are the atoms arranged in the molecule ? 

During the nineteenth century, methods of chemical analysis were 
developed that led to answers for the first question. In order to 
answer the second question the molar mass of the new substance 
must be determined. Avogadro's Hypothesis provided the first 
method to find the molar mass for a gas. The mass of a particular 
volume of a gas is compared with the mass of the same volume of a 
reference gas, such as oxygen, at the same temperature and pres- 
sure. You made such a measurement in Experiment 5. 

Finding out how the atoms in a molecule are arranged is the most 
difficult and also the most Important problem in identifying an un- 
known compound. The search for an answer to this question can 
be as exciting as a detective story, with the chemical and physical 
properties of the compound furnishing the clues. With the right 
collection of clues, the chemist can establish the molecular structure 
of the substance he has synthesized. This phase of chemistry has 
developed slowly and carefully over the last one hundred years. 
First, the structure of simple molecules had to be established. One 
great step in arriving at an understanding of molecular structure was 
the proposal made in 1858 by a German chemist, August Kekule. 
He knew that carbon atoms form compounds such as methane and 
carbon tetrachloride, CH^ and CCI 4 , Kekule generalized when he 
suggested that carbon atoms form four bonds in all carbon com- 
pounds. He also proposed that many carbon compounds contained 
rings of carbon atoms. These two ideas helped chemists determine 
the structures of many molecules. Since Kekule's time, a large 


number of structures have been established. Today the immense 
store of known molecular structures helps chemists to determine 
the structures of very complex molecules, many of great importance 
in biological systems. 

The chemical methods that have^been used to establish molecular 
structure will be presented in the first half of this chapter. The 
majority of structural Information that has been collected for mole- 
cules came from these methods. In the second half of the chapter 
several important physical methods of determining structure are 
discussed. These methods provide quantitative information about 
bond angles, bond distances, and bond energies. Do not forget, 
however, that these approaches to molecular structure became 
possible only after the structures of many simple molecules were 
known and used as standards against which the physical method 
could be tested. 


CHEMICAL METHODS OF STRUCTURE DETERMINATION 

1 8-1 Different Kinds of Formulas 

Let us repeat the three questions posed above. 

Which elements, in what amounts, are present in this 
compound? 

How many atoms of each element occur in one mole- 
cule? 

How are the atoms arranged in the molecule ? 

The steps a chemist follows to find answers to these questions are 
illustrated with ethane and ethanol, two carbon compounds. 

Ethane is a gas that is often contained in the household gas used 
for heating and cooking. Its chemistry is almost wholly restricted to 
the combustion reaction. Ethanol is a liquid that takes part in a 
variety of useful chemical reactions. It has great value in the manu- 
facture of chemicals, and it bears little chemical resemblance to 
ethane. Yet, the similarity of the two names, ethane and ethanoi, 
suggests that these compounds are related. This is true. Their 
molecular structures will help us understand how they are related 
and, at the same time, why their properties are so different. We 
must find out what kinds of atoms are present in each sutetanpe, 
how many atoms there are per molecule, and their bonding arrange- 
ment Usually many experiments need to be performed before 
the molecular structure of a compound is known with certainty. 
This fascinating problem involves three basic experimental steps: to 
determine the empirical formula, then the molecular formula, and 
finally, the structml formula. First the information conveyed by 
each of these formulas will be reviewed, with ethane as the example. 
Then we will conskter the experiments used in the determination of 
each type of fwmula, with ethanol as the example. 
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HGURE 16-1 

Various representations of ethane, C2Ha. 


The empirical formula tells the refative number of atoms of each 
element in a molecule. Analysis of ethane shows that this is a 
compound of carbon and hydrogen. For each 3 g of hydrogen, there 
are 12 g of carbon. 

Number of moles of H atoms = , g/ Jefi'alSSi “ ^ 


Number of moles of C atoms 


12 g 

12 g/moleCatoms 


= 1 mole 


Therefore the empirical formula for ethane is CH 3 . 


The molecular formula shows the total number of each kind 
of atom in the molecule. Measurements similar to those you carried 
out in Experiment 5 indicate that the molar mass of ethane is 30 
grams. This molar mass together with the empirical formula tells us 
the molecular formula. The molecular formula must be some multiple 
of the empirical formula. 

(CH3), corresponds to a molar mass of 1 5 grams 

(CH 3)2 corresponds to a molar mass of 30 grams 

(CH 3)3 corresponds to a molar mass of 45 grams 

Ethane has the molecular formula of (CHs)^, usually written C 2 H^. 


EXERCISE 16-1 

Write the molecular formula for the carbon-hydrogen compound 
having the empirical formula CH 2 and a molar mass of 28 grams. 


The proposals Kekule made can be used to obtain the structural 
formula from the molecular formula, 

A carbon atom forms four bonds and may bond to 
another carbon atom. 

A hydrogen atom forms only one bond. 

How can these 8 atoms be arranged in the molecule C 2 H 4 ? There 
is only one way to do this using the above rules. Several different 
representations of the structural formula for ethane are shown in 
Figure 1 6-1. The choice of which formula to use depends upon the 
structural feature to be emphasized. The first and second drawings 
emphasize the three-dimensional nature of ethane. The third is a 
simpler way of doing the same thing. The last formula merely shows 
that three hydrogens are attached to each carbon atom. 

16-2 The Determination of the Structure of Ethanol 

Three st^ are necwsary in arriving at the molecular structure of a 
compound. What experiments are important in each of these steps ? 
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Step 1. Which elements, in what amounts, are present in 
ethanol ? 

A known mass of this compound is burned in oxygen. The 
products are CO 2 and H 2 O, showing that carbon and hydrogen were 
present in ethanol. The mass of the carbon dioxide reveals how 
much carbon was in the sample. The mass of water reveals how 
much hydrogen was in the sample. The remainder of the sample is 
taken to be oxygen as no other elements occur in the products. 

Suppose 46 grams of ethanol are burned. Collection of the 
products yields 88 grams of carbon dioxide and 54 grams of water. 
We want to know the relative numbers of carbon, hydrogen, and 
oxygen atoms in the compound. This can be obtained by calculating 
the number of moles of carbon dioxide and water produced by the 
combustion of the 46-gram sample. 


Number of moles CO 2 = 


88 g 

molar mass CO 2 


88g 

44 g/mole 


~ 2.0 moles 


Number of moles H 2 O = 


54 g 

molar mass HjO 


549 

18 g/mole 


3.0 moles 


Now the following statements can be made about ethanol : 


Burning 46 grams of ethanol yields two moles of CO 2 
and three moles of H 2 O 
or 

46 grams of ethanol contain two moles of carbon 
atoms and six moles of hydrogen atoms 
or 

46 grams of ethanol contain 24 grams of carbon atoms 
and 6 grams of hydrogen atoms. 

Thirty grams of the original 46 grams are accounted for. The 
remainder of the sample (46 - 30 or 1 6 grarris) must have been 
oxygen. This corresponds to 

16a 16g 

a « ^.0 mole of oxygen atoms 

molar mass of oxygen atoms 1 6 g/ mole 

Summarizing, 46 grams of the compound ethanol contain 

two moles of carbon atoms, 
six moles of hydrogen atoms, 
one mole of oxygen atoms. 

These results give the empirical formula, CjH^O. 


'EXERCISE 16-2 

Automobile antifreeze often contains a compound called ethylene 
glycol. Analysis of pure ethylene glycol shows that it contains only 


(fxfiTc/se /6-2 cofUkiued on p. 3f6.) 



316 


carbon, hydrogen, and oxygen. A sample of ethylene glycol was 
{Exercise IS-Z continued from p. 315.) burned and the following results were obtained. 

mass of sample burned * 1 5.5 mg 
mass of CO2 formed * 22.0 mg 
mass of HjO formed = 1 3.5 mg 

What is the empirical formula of ethylene glycol? 


Step 2. How many atoms of each element occur in one 
molecule of ethanol ? 

We know that the relative numbers of atoms in ethanol are two 
carbon to six hydrogen to one oxygen. But is the molecular formula 
CjH^O or C4H,202 or C^HiaOs or some other multiple of the empirical 
formula, CjH^O ? 

An experiment to measure the molar mass will help in answering 
this question. Ethanol Is a liquid at room temperature but ethanol 
vapor is needed to determine the molar mass by the method used in 
Experiment 5. A weighed amount of liquid is placed in a gas col- 
lecting device held at an easily regulated temperature. For example, 
a steam condenser around the device provides a convenient way of 
holding the temperature at 1 0O^C. When the substance has vaporized 
completely, its pressure and volume are measured. This measure- 
ment gives the mass per unit volume of gaseous ethanol at a known 
temperature and pressure. The mass is then compared with the mass 
of the same volume of a reference gas (usually O2) at the same 
temperature and pressure. 

Such a measurement shows that a given volume of ethanol at 
lOO^'C and one atmosphere weighs about 1.5 times as much as the 
same volume of oxygen gas at the same conditions. Avogadro's 
Hypothesis states that equal volumes of gases at the same tempera- 
ture and pressure contain equal numbers of molecules. Therefore, 
the molar mass for ethanol is 1.5 times the molar mass of oxygen. 

Molar mass (ethanol) - 1 .5 x molar mass O2 
= 1.5 X 32 
= 48 grams 

Even though this number may not have been measured with high 
precision, it shows clearly what multiple of the empirical formula to 
choose. 

Experimental Value 

Molecular Formula Molar Mass for Molar Mass 

C2H4O 46.07 grams 48 grams 

^4 Hi 202 92.14 grams 

QHtsOj 138.21 grams 

For ethanol the molecular formula is CjH A the same as the em- 
piricaf formula. 



EXERCISE 16-3 
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Ethylene glycol, the example treated in Exercise 16-2, has an em- 
pirical formula of CH 3 O. A sample weighing 0 49 gram is vaporized 
completely at 200®C and at one atmosphere pressure The volume 
measured under these conditions is 291 ml. The same volume of 
oxygen gas at the same conditions weighs 0.240 gram Is the 
molecular formula for ethylene glycol CH 3 O or or C 3 H 9 O 3 
or some higher multiple of CH 3 O ? 


Step 3. How are the atoms arranged in ethanol ? 

The determination of the bonding arrangement in a molecule is 
the most important problem in identifying an unknown compound. 

How can we proceed? Each molecule of ethanol contains two 
carbon, one oxygen, and six hydrogen atoms. In proposing a 

FIGURE 16-2 

Development of possible structures for a compound with the molecule formula C 2 H 6 O 


Stan with the 0 

oxygen atom, / \ 

leaving 2 C and 6 H to be added 

From the stock of atoms that must become part of the molecule, there are three choices. 


0 

/ \ 

H H 

0 

/ \ / 

H C- 

1 


0 

C- 

} j 

leaving 2 C and 4 H 

having f C and 5 H 

having 6H 

This choice is 
unsatisfactory. It 
gives a completed 
molecule; some atoms 
are still unattached. 

We can continue adding atoms to these structwes because both bonding capacity and 
atoms are still available. 

0 H 

n M 

H 0 H 


/ \ / 

H C-H 

\ 

H 

X 

\ / \ / 

H-C C-H 

/ \ 

H H 


having 1 C and 2 H 

havmgSH 

C 2 H 6 D 


Unsatisfactoiy, all the 
bonding capacity is used 
but some atoms remain. 

0 H 

/ \ / 

H C H 

f\ / 

H C-H 
\ 

H 

Structm2 

Is this ethanol? 



CiHdO 

Strticb/re 1 

Is this ethanol? 



318 


Structure 1 



CHzCHiOH 


Structure 2 



CHzOCHz 

FIGURE 164 

Structure of the tsoroers of C 2 H 4 O. 


molecular structure, a good guide is that carbon will form four bonds, 
oxygen two bonds, and hydrogen one bond. Finally, the proposed 
formula must fit the chemical behavior of ethanol. 

We can start with the oxygen atom and see how a molecule 
might be built around It. There are two carbon atoms and six hydro- 
gen atoms at our disposal. In Figure 1 6-2, the gradual construction 
of the possible structure is shown. The atoms remaining to be 
connected are listed below each stage of the construction. Two 
possible structures result and are shown in Figure 1 6-3. Compounds 
with the same molecular formula but different structural formulas 
are called isomers. The existence of both compounds 1 and 2 
was known long before their structures were clarified. Hence the 
existence of these isomers perplexed chemists for decades. 


EXERCISE 16-4 

Ethylene glycol has the empirical formula CH3O and the molecular 
formula CjHA- Using the usual bonding rules draw some of the 
possible structural formulas for this compound. 


The problem now is to decide whether ethanol has structure 1 or 
structure 2. How can we tell which is correct? What preliminary 
ideas can be obtained from an examination of the structural formulas ? 

In structure 2, all of the hydrogen atoms are the same. Each ' 
hydrogen atom is bonded to a carbon atom which is, in turn, bonded 
to the oxygen atom. In structure 1, one of the hydrogen atoms is 
quite different from any of the others: It is bonded to oxygen and 
not to carbon. Of the remaining five hydrogen atoms, two are 
placed on the carbon which is bonded to oxygen, and three are on 
the other carbon. Structures 1 and 2 should have quite different 
properties. Which structure agrees with the chemistry of ethanol ? 

There are several kinds of evidence. Some comes from the 
behavior of ethanol in chemical reactions and some from the deter- 
mination of certain physical properties. Consider the chemical 
reactions first. 

Sodium metal reacts vigorously with ethanol, giving hydrbgen gas. 
An ionic compound, sodium ethoxide, with empirical formula 
CjHsONa also forms in the reaction. Sodium metal also reacts 
vigorously with water to produce hydrogen gas and an ionic com- 
pound, sodium hydroxide, NaOH. This similarity In reaction suggests 
that ethanol has some structural relation to water. In water there are 
two hydrogen atoms bonded to one oxygen atom. In structure 1 
there is one hydrogen atom bonded to oxygen. This chemical 
evidence suggests ethanol has structure 1 . 

Quantitative evidence can be obtained by carrying out the reaction 
between an excess of sodium and a weighed amount of ethanol, 
measuring the amount of hydrogen gas evolved. It is found that 
one mole of ethanol produces one half ntole of hydrogen gas. A 



balanced chemical equation can be written for the reaction of 
sodium with ethanol. 


Na -f C^H^O + CjHiONa 


Apparently one molecule of ethanol contains one hydrogen atom 
that is capable of reacting with sodium and five that are not Con- 
sider structures 1 and 2 in the light of this information, in structure 2 
all six of the hydrogen atoms are structurally equivalent. In structure 1 
there is one hydrogen atom in the molecule different from the other 
five. One hydrogen is bonded to the oxygen atom ; five hydrogen 
atoms are bonded to carbon atoms. Structure 1 agrees with the 
experimental fact that only one hydrogen atom in ethanol will react 
with sodium. Structure 2 does not. 

There is further evidence that CHjCHjOH is the correct structural 
formula for ethanol. Compounds containing only carbon and hydro- 
gen do not react readily with metallic sodium to produce hydrogen 
gas. In these compounds, called hydrocarbons, the hydrogen atoms 
are bonded to carbon atoms. The deduction can be made that 
hydrogen atoms bonded to carbon atoms do not react with sodium 
to produce hydrogen gas. In structure 2 , CH 3 OCH 3 , alt the hydrogen 
atoms are bonded to carbon atoms. We do not expect a compound 
with this structure to react with sodium. Ethanol reacts with sodium. 
Therefore, it is unlikely that ethanol has structure 2 . 

Consider one other reaction of ethanol. If ethanol is heated with 
aqueous HBr, a volatile compound is formed. This compound is 
only slightly soluble in water and contains bromine. From chemical 
analysis and determination of the molar mass, the molecular formula 
is found to be CjHjBr, ethyl bromide. With the aid of the bonding 
rules, it can be seen that there is only one possible structure for this 
compound. This result is verified by the fact that only one isomer 
of C2H5Br has ever been discovered. 

How does this chemical reaction furnish a clue to the structure 
of ethanol ? Structure 1 could give the structural formula shown in 
Figure 16-4 merely by breaking the carbon-oxygen bond. It is diffi- 
cult to conceive of a simple way to go from structure 2 to the structure 
shown for ethyl bromide. 

No one fact by itself gives absolute proof of the molecular struc- 
ture of a substance. In our example, combined results of different 
experiments show that structure 1 is the correct structure for ethanol. 
A comparable set of experiments shows that another compound 
with the formula CjH^O has properties consistent with smicture 2. 
This compound is called dimethyl ether. 



FIGURE 16-4 
Structure of ethyl bromide. 
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EXERCISE 16-5 

Find the possible structures for a compound with molecular formula 
C2H7N. Nitrogen has three unpaired electrons. 
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PHYSICAL METHODS TO DETERMINE 
MOLECULAR STRUCTURE 


16-3 Energy and Molecular Structure 

Much of the quantitative Information that chemists know about 
molecular structure has been obtained by observing what happens 
when some form of energy is put into a substance. The sample 
may absorb the energy. It may scatter the energy. Or it may be 
transparent to the energy. For example, air is transparent to light 
in the visible part of the spectrum. Chemists try to explain these 
effects in terms of molecular behavior. An example from your own 
laboratory work will help you to understand how these interpretations 
are made. 

Recall Experiment 12 where you studied the warming behavior of 
pa/adichlorobenzene. As heat energy was put into your sample, 
the temperature increased steadily until the melting temperature was 
reached. Then, even though you continued to heat the sample, the 
temperature remained constant for several minutes. Why do solids 
behave this way? is there an explanation in terms of molecular 
behavior? These questions are answered by proposing that as the 
crystal melts a liquid forms with higher potential energy than the 
solid. The regular arrangement of atoms, molecules, or ions in the 
crystal is lost. Similar questions arise when energy in the form of 
light interacts with a substance. Energy can be absorbed, energy 
can be scattered, or energy may be transmitted through the sample 
undisturbed. This is represented schematically in Figure 1 6-5. For 


FIGURE 16-5 

Types of interaction between light 
and chemicat compounds. 



Energy Energy 

absorbed transmitted 


Different wavelengths 
behave differently 

Basis of spectroscopic 
methods 



Ordered scattering 
of energy 

Single wavelength 
used 

Basis of 

diffraction methods 


some energy regions, a substance may be quite transparent; that is, 
transmit energy. At other values of energy, the. sample may exhibit 
strong interaction, absorbing most of the energy. Here is an analogy 
to help you understand what may happen. 

Suppose you are riding in a car on a snwoth highway. A con- 
siderable amount of the energy produced by burning gasoline in 
the car engine h converted into kinetic energy of the moving car. 
Of course, some energy is lost in heating the car tires and wearing 
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out the road. Some energy becomes potential energy if the car 
goes uphill. A close look at the surface of the road probably shows 
many tiny bumps and holes. However, the car and tires are so much 
bigger than these irregularities that very little energy is absorbed by 
the road. Similarly, if the highway gradually rises a mile and then 
gradually decreases during the next mile, the irregularity in the road, 
that is the hill, is much larger than the car. Once again, very little 
energy is lost to the road. But what happens if you are travelling on 
an old road which has many holes one foot in diameter? The ride 
becomes quite uncomfortable, perhaps even dangerous. Much of 
the energy that your automobile produces gets "scattered" or 
"absorbed" by the road. The fact that the holes or ruts get larger 
as cars drive over this road shows that energy is transferred from the 
car. Figure 16-6 illustrates the car interacting with the road. 

Water and its interaction with light furnishes an example of 
molecular interaction with energy. Thin layers of water do not absorb 
appreciably in the visible region of the spectrum. You know that 
water in a drinking glass appears colorless. You also know that 
a television set operates quite normally even during a rainstorm. 
Apparently water does not absorb much of the energy a television 
station sends out. However, water interacts strongly with light in 
the infrared region of the spectrum. A large fraction of the infrared 
radiation from the sun never reaches the earth's surface because 
water vapor absorbs it so effectively, 

A chemist tries to explain these results in terms of behavior of 
the molecules. In the next sections three different methods of 
determining molecular structure will be outlined. 


16-4 Diffraction Methods 

Three important methods of determining molecular structure are 
based on the scattering or diffraction of energy. These are X-ray 
diffraction, electron diffraction, and neutron diffraction. The first 
is most useful in studying solids while electron diffraction is appli- 
cable primarily to substances in the gas phase. Neutron diffraction is 
capable of locating hydrogen atoms, something that is difficult to 
do by either X-ray or electron diffraction. These methods comple- 
ment each other. A discussion of X-ray scattering will illustrate a 
diffraction method. 

X rays are very high frequency light waves, with wavelengths 
near 1 Angstrom. When these waves of light fall on a crystal, dif- 
fraction through different angles occurs. The diffraction pattern can 
be recorded photographically. The experimental method is indicated 
in Figure 16-7. The observed pattern depends on the spacing of 
atoms or ions in the crystal and also on the wavelength of the X rays. 
A knowledge of the X-ray wavelength permits an interpretation of 
the pattern in terms of the atomic arrangement in the crystal. Figure 
16-8 shows three X-ray diffraction patterns obtained from small 
crystals of metallic copper, aluminum, and sodium. The similarity 
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of the patterns given by copper and aluminum shows that they have 
the same crystal packing. Careful measurements of the spacing of 
the lines indicate that the atoms in copper, though occupying the 
same relative positions as the atoms in aluminum, are closer together. 
In contrast, the pattern of lines produced by sodium does not re- 
semble either of the preceding ones. The arrangement of sodium 
atoms is different from that of copper or aluminum atoms. 

In the next chapter the structure of metallic and ionic solids will 
be discussed. The X-ray diffraction method is the principal method 
for finding the structure of solids. 

16-5 Spectroscopic Methods 

A number of important ways to determine molecular structure are 
based on absorption of light. These are called spectroscopic methods 
and differ primarily in the energy of the radiation being used. Table 
16-1 presents a summary of the kind of molecular information that 
can be obtained by studying how molecules interact with light of 
different wavelengths. Infrared spectroscopy will be discussed as 
an example of spectroscopic measurements. 


TABLE 16-1 

Spectroscopic Measurements 


Name of Region 

Approximate Energy, 

Molecular 

Derived 

and Wavelength 

kcal/mole 

Response 

Information 

Visible and 


Electronic 

Ionization 

ultraviolet 

30-300 

excitation 

energy , 

(lO"^ to 10"^ cm) 



Bond energy 

Infrared 

0.3-30 

Atomic 

Bond length 

(10-^ to 10"^ cm) 


vibration 

Bond angle 



and 

molecular 

Bond energy 



rotation 


Microwave 

0.0003,-0.03 

Molecular 

Bond length 

(0.1 to 10 cm) 

rotation 

Bond angle 


Light found in the spectrum just beyond the red end of the visible 
spectrum is called infrared light Many molecules absorb light in 
this spectral region. Analysis of the frequencies shows that the 
absorptions are associated with vibrational motions of the molecules. 
These to-and-fro motions of the atoms occur at specific frequencies 
which are fixed by the masses of the atoms, the molecular shape, and 
the strengths of the chemical bonds that link the atoms together. 
The frequencies absorbed by gaseous molecules provide information 
about the nrolecular geometry and about bond energies. Because 
infrared studies can be extended to the liquid and solid state, it 
ftnds wide^xread \m in chemistry. 



The spectra for ethanol and dimethyl ether are presented In 
Figure 16-9. The horizontal scale shows frequency and the vertical 
scale shows the percentage of light transmitted by the sample. A 
reading of 100% means all of the light is transmitted. There are a 
number of frequencies in these spectra where only a small percent 
of the light passes through the sample. The frequencies where 
absorption of infrared light occurs are characteristic of different 
vibrations in a molecule. Let us look at the two frequencies 8.7 X 10*® 
and 9.5 x 10*® cycles per second. They correspond to the stretching 
vibration for the C— H and the 0— H bonds, respectively. Both sub- 
stances exhibit strong absorption at 8.7 X 10*® cycles per second. 
Both molecules have carbon-hydrogen bonds. Ethanol exhibits 
strong absorption at 9.5 x 1 0*® cycles per second but dimethyl ether 
is transparent to light with this frequency. This Information is readily 
interpreted to mean that ethanol has an oxygen-hydrogen bond but 
dimethyl ether does not. 

FIGURE 16-9 

A portion of the infrared spectra of two C2H6O isomers. 




15X10’* 12X10’* 9X10’* 6X10’* 15X10’* 12X10’* 9X10’* 6X10’* 
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You may be wondering why chemists did not use tnis approach 
to finding the molecular structure of ethanol and dimethyl ether in 
the first place. There are two reasons. Infrared spectrometers have 
become common in chemical laboratories only during the last 
twenty years. More important, the interpretation of complex spectra 
has been possible only by studying the absorption curves of simple 
molecules whose structures were established by chemical methods 
many years ago. 

Infrared spectroscopy is one of the most useful methods of estab- 
lishing molecular structure. In addition, Infrared spectra are often 
very helpful in identifying substances and for checking their purity. 
The infrared absorption spectrum is often as important as the melting 
temperature for characterizing a pure substance. Usually the 
spectrum is more specific than the melting behavior. 

16-6 Nuclear Magnetic Resonance, NMR 

A relatively new method for investigating the chemical bonding in a 
molecule will be the last topic in this chapter. This method studies 
the behavior of atomic nuclei when a compound is placed in a 
magnetic field. Scientists call it nuclear magnetic resonance, or use 
the abbreviation NMR. 

There are several reasons for the widespread use of NMR in 
determining molecular structure. First, the study can often be com- 
pleted in a short time, an hour or a day. The X-ray diffraction method, 
by contrast, requires weeks or months for complete analysis of the 
structure of even simple molecules. Second, NMR gives information 
about specific bonds in a molecule. An infrared spectrum usually 
gives information about many bonds in a molecule and decoding 
the spectrum may be difficult. Let us begin the discussion of nuclear 
magnetic resonance by outlining briefly the basis for this method. 


FfGURE 16-10 

Schematic representation of hydrogen atom 
nuclear magnets in the ptesenoe and 
absence of a magnetic field. 




The nuclei in atoms such as jH and ’JF behave like very small 
magnets with a north and a south pole. The nuclear magnets usually 
point in all directions as the molecules containing them move about. 
In the presence of a strong magnetic field these nuclear magnets 
reach the lowest potential energy level by lining up with the magnetic 
field. Figure 16-10 indicates these arrangements. Now, with the 
magnetic field on, energy in the form of short wavelength radio 
waves is passed through this sample. For radio waves that have too 
much or too little energy, the sample is transparent. For radio waves 
with just a certain energy or wavelength, the sample absorbs the 
energy. The energy causes some of the nuclear magnets to turn in 
the magnetic field. This is shown schematically in Figure 16-11. 



Most radio frequencies Certain radio frequencies 

are transmitted are absorbed 


Some nuclear magnets 
take new positions 


FIGURE IS-11 

Schematic representation of energy absorption 
by nuclear magnets ki a magnetic field. 


The importance of this method lies in the fact that the strength of 
the magnetic field that penetrates to the nucleus Is very dependent 
on the electron density surfounding a particular nucleus. Because 
of this, the wavelength of the radio waves absorbed by a nucleus 
depends on the natuj^ of the neighboring atoms and chemical 
bonds. The two substances, ethanol and dimethyl ether, can serve 
as example. 

the NMR spectrum for ethanol can be obtained by changing the 
wavelength of the radio waves passed through the sample. At 
certain wavelengths, the amount of energy absorbed increases 
sharply. There are three peaks A, B, and C in the NMR spectrum 
for ethanol shown in Figure 16-12. 

The structure of ethanol is known to be CH 3 CH 2 OH. Note there 
are three different kinds of hydrogen atoms. 

1 H atom attached to 0 

2 H atorra bound to C which is attached to C and 0 

3 H atoms bonded to C which is attached to C only 
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FIGURE 16-12 

NMR spectrum of ethanol. 


FIGURE 1$43 

HMR spectrum of dimethyl ether compared 
to that of ethanol. 



Frequency (radio region) 


Perhaps the three peaks in the NMR spectrum result from these 
three kinds of hydrogen. The peak areas are in 1 : 2:3 ratio, the 
same as the numbers of the hydrogens. Similar connections between 
peak areas and number of hydrogens have been found for many 
compounds. 

The NMR spectrum for dimethyl ether is compared to that of 
ethanol, C 2 H 5 OH 3 , in Figure 1 64 3. The single peak can be interpreted 
to mean that there is a single group of protons in this substance and 
that all protons are in the same electron environment. The structural 
formula for dimethyl ether is H3C— 0— CH3. 



16-7 Review 

Chemical analysis leads to the enpirkal formula for a substance. 
Determination of the mcrfar mass then aHows a chemist to write a 
mohculBr formula. The estabifehment of the structural formula may 
be a very difficult problem. 





327 


Chemists have developed many methods to help them determine 
the structure of molecules. For years an interpretation of the chemical 
and physical properties of the substance provided the only route to 
finding its structure. That chemists were able to unravel the structures 
of molecules as complex as sucrose and hemin (see pages 373 and 
405) testifies to their ingenuity and skill. 

Within the past few decades, a number of physical methods to 
find the structure of molecules have been developed. These methods 
often depend on how the substance interacts with energy. In this 
chapter, X-ray diffraction. Infrared spectroscopy, and nuclear mag- 
netic resonance have been used to illustrate the physical methods of 
determining molecular structure. 


Questions and Problems for Chapter 16 


1 

What information is revealed by the empirical formula ? 
The molecular formula? The structural formula? 
Demonstrate, using propane, CjHa. 

2 

A 100 mg sample of a compound containing only C, 
H, and 0 was found by analysis to give 149 mg CO2 
and 45.5 mg H2O when burned completely. Calculate 
the empirical formula. 

3 

When 0.601 gram of a sample having an empirical 
formula CHjO was vaporized at 200®C, and one atmo- 
sphere pressure, the volume occupied was 388 mi. 
This same volume was occupied by 0.301 gram of 
ethane under the same conditions. What is the molecu- 
lar formula of CHjO ? 

One mole of the sample, when reacted with zinc 
metal, liberated (rather slowly) Vj mole of hydrogen 
gas. Write the structural formula. 

Answer, The molecular formula is C2H402. 

4 

Butane has the molecular formula C4H,o. Draw two 
different ways of arranging these 1 4 atoms. Remember 
carbon usually forms four bonds and hydrogen one. 


5 

Draw the structural formulas for ail the CjHjCi} com- 
pounds. 

6 

Draw the structures of two isomeric compounds corre- 
sponding to the empirical formula CaHjO. 

7 

Draw the structural formulas of the isomers of butyl 
chloride. C4H9CI. 

8 

What angle would you expect to be formed by the C, 
0, H nuclei in an alcohol molecule? Explain. 

9 

It is possible to obtain from 6.1 g of the sweetener, 
saccharin, 10.3 g CO2, 1.50 g H2O, 1.53 g NOj. and 
2.13 g SOj. What is its empirical formula? 

10 

Burning 0.600 g of an alcohol obtained by processing 
petroleum gave 1 .32 g CO2 and 0.72 9 H2O. One mole 
of the alcohol weighs ^ grams. Determine the 
molecular and structural formulas. Are there two 
isomers of this alcohol ? 





Chemical Bonding in Gases, 
Liquids, and Solids 


The nature of the chemical bond was discussed in Chapter 10. 
Although it was convenient to introduce the two words covalent 
and ionic in describing chemical bonding, the formation of any 
chemical bond has only one cause. When electrons are simul- 
taneously attracted by two nuclei, a state of lower potential energy 
is achieved and a chemical bond forms. In this chapter bonding 
will receive more detailed study and will be extended to show 
that the shapes of molecules can be explained qualitatively using 
the orbital view of atomic structure. You will find it helpful to 
read Sections 10-1 and 10-2 again before continuing with this 
chapter. 

MOLECULES IN THE GAS PHASE 
17-1 Polar Molecules 

The fluorine molecule is stable because the potential energy is 
decreased when a pair of electrons is placed near the two fluorine 
nuclei. The electrons move about in the molecule so that, on the 
average, they are distributed symmetrically between and around the 
two nuclei. This distribution is reasonable since the nuclei are 
identical and attract the bonding electrons equally. 

In the gaseous lithium fluoride molecule, the bonding pair of 
electrons is again placed near the lithium and fluorine nuclei. Now, 
however, the electrons move so that they spend more time near 
the fluorine nucleus, on the average, than they do near the lithium 
nucleus. The fluorine nucleus attracts the bonding electrons more 
than the lithium nucleus does. 

The shifting of negative electric charge towards the fluorine atom 
in the LiF molecule causes a charge separation. The nrolecule has 
an excess of negative electric charge at the fluorine end and a defi- 
ciency of negative electric charge at the lithium end. To indicate 
this charge separation, the U—F bond is called a polar bond. 
In LiF, the polar bond makes the whole molecule polar and this 
polar molecule is said to have an electric dipole. 
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Table 17-1 summarizes some of the information on bonding that 
was presented in Chapter 1 0, The presence or absence of an electric 
dipole in the gaseous fluoride molecules is indicated in the last 
column. This information about electric dipoles, derived from ex- 
periments, will be important in the discussion of molecular geometry. 


TABLE 17-1 


Bonding Arrangements and Polar Nature of Second-Row Fluorides 


Compound with Fluorine 

Number of 

Formula Bonds 


Electron 

Configuration 

Is 2s 2p 

Orbitals Used 
in Bonding 

Electric Dipole 
Present in 
Gaseous Molecule 

LiF 

1 

Li 

0 

0 

000 

s 

yes 

BeFs 

2 

Be 

0 

0 

000 

sp 

no 

BF, 

3 

B 

0 

0 

000 

sp‘‘ 

no 

CF. 

4 

C 

0 

0 

000 

sp’ 

no 

NF3 

3 

N 

0 

0 

000 

p’ 

yes 

OFj 

2 

0 

0 

0 

®00 

p’ 

yes 

F: 

1 

F 

0 

0 

000 

p 

no 

— 

0 

Ne 

0 

0 

000 

none 

no 



R6URE 17-1 

Represemttiom of the electric dipole in UF. 


17-2 Molecular Architecture: The Shapes of the 
Second-Row Fluoride Molecules 

Lithium fluoride in the gas phase is a linear diatomic molecule. The 
bond can be described in terms of the overlap of the 2s orbital in 
lithium with the half-filled 2p orbital in fluorine. Because of the 
vacant valence orbitals in LiF, this substance is very reactive and 
exists as a diatomic species only at high temperatures. Experiments 
show that UF(g) has a very large electric dipole, emphasizing the 
separation of charge in the molecule. 

The beryllium atom in gaseous BeFj uses the 2s and one of the 
2p orbitals in bonding. Just as with the Li— F bond, it is reasonable 
to expect there would be appreciable charge separation in the Be— F 
bond. However, electric dipole measurements show the absence 
of a molecutar dipole In BeF 2 . This result is the clue to the geometry 
of the beryllium fluoride molecule. There are two Be— F bonds 
and the electrical properties of the entire molecule depend on 
how these bonds are oriented relative to each other. To see how 
charge separation can occur without yielding a polar molecule, we 
need a method of representing electron shifting. Chemists have 
several methods, some of which are shown in Figure 17-1. The 
arrow is the simplest way to depict the charge separation. The 
arrowhead points to the region of excess negative charge. When 
an arrow is used for a bond, it indicates a bond dipole. 

The arrangement of two bond dipoles to give zero molecular 
dipole is illustrated in Figure 17-2, The nnolecule must be linear 





rjlml!'* in opposite directions. This 

geometry leads to cancellation of the effects caused by charge 

0 bital in beryllium. A linear arrangement of bonds in a molecule is 
expected when the available bonding orbitals are an s and a p 
Chemists refer to this as $p bonding. 
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FIGURE 17-2 

The abience of molftcuiar dipole in BeFj 
ttWfts a Hneer molecule. 



FIGURE 17-3 

The absence of rnoleculaf dipole in BFa 

sugaests a symmetric planar molecuJe. 
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Square planar 


FiGURE 17-4 

Two arrangements that would give zero 
electric dipole for CF4. 


In gaseous BF 3 the boron atom uses the 2s and two 2p orbitals in 
bonding. The zero electric dipole found for molecules of BF 3 can 
be explained by a symmetrical geometry for the three B— F bonds. 
The only way to achieve this is with the structure shown in Fig- 
ure 17-3. The boron trifluoride molecule is planar, with the three 
fluorine atoms at the corners of an equilateral triangle. The lower 
part of the figure shows the method of deciding the net effect of 
the arrows. This method is called vector addition. The bonding in 
BF 3 is called sp^ (read s p two). A planar, triangular arrangement is 
expected around an atom which uses one s and two p bonding 
orbitals. 

For carbon, the bonding in CF 4 involves four valence orbitals, the 
2s and three 2p orbitals. The zero value for the molecular dipole of 
CF 4 can be explained by several different structures. Two of them 
are shown in Figure 17-4. Additional experiments indicate that 
carbon compounds have the tetrahedral structure at the left in Figure 
17-4. The fluorine atoms occupy the corners of a tetrahedron, with 
carbon at its center. The angle between any two C— F bonds is the 
tetrahedral angle, 109° 28'. The bonding in CF 4 is called sp^ (s p 
three). Tetrahedral geometry is expected around any atom that 
makes use of one s and three p orbitals. 


EXERCISE 17-1 

Molecules that are isoelectronic often have similar molecular geom- 
etry. Comment on the bond angles you would expect in the molecules 
or ions listed. They are isoelectronic with CH 4 . 

NH 3 , NH 4 + NHj" HA H 3 O+ 


EXERCISE 17-2 

In Exercise 17-1 you suggested a bond angle in NH 3 and HjO. 
Compare those with the experimental values of 107° and 105° 
respectively. 


Nitrogen is the next element in the second row. The bonding in 
its fluoride, NF 3 , involves the three 2p orbitals of the nitrogen atom. 
The fact that there is a net, or molecular, electric dipole for NF 3 '^ 
indicates that this molecule does not have the symmetrical geometry 
exhibited by BF 3 . Since p orbitals are perpendicular to each other, 
NF 3 might have the structure shown in Figure 17-5. Other experi- 
ments confirm this structure. The molecule NF 3 can be thought of 
as a pyramid, with the nitrogen atom above the triangular base. 
Approximately 90° bond angles would be expected for the bonding 
arrangement around any atom using three p orbitals. Experiments 
indicate that the bond angle in NF 3 is about 102°. In NH 3 the bond 
angles are 107°. 

Oxygen difluoride, OF 2 , makes use of the two 2 p orbitals of the 
oxygen atom to bond to fluorine. The electric dipole for the molecule 




is not zero. Because of this experimental evidence, the structure 
of OF 2 cannot be linear as BeFj is. Other measurements agree 
with the structure shown in Figure 17-6. One might expect that 
the F— 0— F bond angle would be approximately 90®, the angle 
between the two 2p orbitals of oxygen used in bonding. Experi- 
mental measurements give this angle as 103®. 

The last molecule to be discussed in this section on elements of 
the second row is F 2 . There is no reason to expect separation of 
electric charge in this molecule and the measured electric dipole is 
zero. There is no question of geometry for a diatomic molecule. 
Bond formation makes use of the last half-filled 2p orbital on each 
fluorine atom. 

A summary of this discussion is presented in Table 17-2. The 
correlation of molecular geometry with the orbitals used in bonding 
is one of the most helpful regularities that chemists have discovered. 


TABLE 17-2 

Bonding Orbitals, Bonding Capacity, and Molecular 
Shape for Row Two Fluorides 


Element 

Bonding 

Orbitals 

Bonding 

Capacity 

Molecular Shape 
of the Fluoride 

Chemical 

Formula 

He 

none 

0 


He 

Li 

5 

1 

linear 

LiF 

Be 

sp 

2 

linear 

BeFj 

B 

sp^ 

3 

planar, triangular 

BF3 

C 

sp^ 

4 

tetrahedral 

CF, 

N 

p^ 

3 

pyramidal 

NF3 

0 

p^ 

2 

bent 

OFj 

F 

p 

1 

linear 

F 2 

Ne 

none 

0 


Ne 


THE BONDING IN LIQUIDS AND SOLIDS 

In discussing the structure of molecules in the gas phase, our 
attention was focused on the forces within molecules. When 
sufficient energy is removed from any gas it condenses to a liquid. 
It then forms a solid if enough energy is removed. The forces that 
bring about formation of liquids and solids are between molecules. 
The temperature at which these phase changes occur varies from 
one substance to another. Here are three examples. 

Lithium fluoride gas at one atmosphere pressure liquefies when 
the heat of condensation is removed. It becomes liquid at 1 949® K. 
When the temperature is lowered to 1 1 43®K and the heat of crystalliza- 
tion is removed, the liquid forms a crystal made up of ions, Li"^ 
and F”. 

In contrast, lithium gas at this pressure must be cooled to 1609®K 
before it can form a liquid and this liquid does not solidify until 
its temperature reaches 459®K. The solid is a white, soft metallic 
crystal which does not resemble lithium fluoride. The metal contains 
lithium atoms. 
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Structure 



Bond dipoles 


A' 


Molecular dipole 
resulting from bond 


FIGURE 17-5 

Structure and moleculaf dipole in NF 3 . 
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bf 
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FIGURE 17-6 

Structure and molecular dipole in OF2. 


Fluorine gas is equally distinctive. At one atmosphere pressure 
fluorine must be cooled far below room temperature before lique- 
faction can occur, at 85®K. The liquid can be solidified to a crystal 
at SO^K. X-ray studies show that the crystal contains diatomic 
molecules of F 2 . 

Why do these three materials behave so differently? Is there 
some explanation to help us understand these differences ? Several 
times in this book the statement has been made that attractive 
forces between atoms arise when electrons can be close to two or 
more nuclei at the same time. This is found to be true in liquids and 
solids as well as in gases. The three examples above show that the 
magnitude of the attractive forces in liquids and solids varies greatly, 
depending on how close electrons can approach these nuclei. 
This approach distance Is fixed by the electron occupancy of the 
valence orbitals. The occupancy of valence orbitals can be used 
to help predict whether a substance will form a high-melting ionic 
crystal, a metallic crystal, or a low-melting molecular crystal. In 
the next sections, explanations for the observed properties will be 
presented in terms of the molecular structure of solids. 

1 7-3 van der Waals Forces 

Polar molecules have relatively strong attraction for each other 
resulting from the molecular dipoles present. However, even 
in molecules having no electric dipole, there are attractive forces. 
For example, two noble gas atoms must attract each other slightly 
to explain the fact that the noble gases liquefy and form crystal- 
line solids under suitable conditions. These forces are named 
van der Waals forces after the Dutch scientist who studied them. 
Quantum mechanics helps us understand the origin of these forces. 
Electron locations inside an atom or molecule are best described 
by the probability of finding them. For a noble gas, the electron 
distribution on the average is symmetrical. But at any given instant, 
the electron distribution may not be symmetrical. The atom would 
then have a momentary electric dipole. The weak attractive forces 
in the noble gases arise from interaction between such dipoles. 

Atoms of fluorine form diatomic molecules with the formula F 2 , 
In the fluorine molecule, there are enough electrons close to each 
nucleus to fill the valence orbitals. Under these circumstances, the 
diatomic molecule behaves like a noble gas toward other fluorine 
molecules. Momentary dipoles provide a weak attractive force. 
Molecular fluorine condenses to a liquid at 85“K due to these weak 
van der Waals forces. 

Although charge separation is possible in a compound, there are 
many substances that do not have appreciable electric dipoles. 
When all the valence orbitals of such a molecule are filled, giving 
noble gas electron configurations, then the electrons of a second 
molecule cannot get very close to the nuclei of the first molecule. 
The decrease in potential energy is only a few tenths of a kilocalorie 
per mole when molecules of this sort approach each other. This 
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very weak interaction between molecules is typical of van der Waals 
forces. It gives rise to low melting solids and low boiling liquids that 
retain many of the properties of the gaseous molecules 
There are three factors that seem to be important in determining 
the magnitude of van der Waals forces; the number of electrons, 
the molecular size, and the molecular shape. These factois can be 
illustrated with carbon compounds. In Figure 17-7, the melting 



Row number of Xm CX* 


and boiling temperatures of compounds with the formula CX 4 are 
shown. (These compounds do not have an electric dipole.) The 
horizontal axis shows the Periodic Table row number for the outer- 
most atoms in the molecule. These are the atoms which "rub 
shoulders" with neighboring molecules. As far as van der Waals 
interactions are concerned, the number of electrons on the outer- 
most atoms is most important in fixing intermolecular forces. 

The other two factors are closely related to each other. As the 
size of a molecule increases, its contact surface increases. The trend 
in boiling temperature for the hydrocarbon molecules listed in 
Table 17-3 serves to illustrate this factor. Molecular shape some- 
times determines the number of electrons that are "exposed" to 
other molecules. Notice the three isomers of pentane in Figure 17-8. 
(Chapter 10, p. 1 81 ; has some discussion of isomers.) The extended 
molecule, n-pentane, has a zigzag shape. The van der Waals forces 
between the external envelope of n-pentane molecules would lead 
to a relatively high boiling temperature. By contrast, the highly 


FIGURE 17-7 

Mehing and boriing temperatures of 
carbon- halogen compounds, CX 4 . 
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FIGURE 17-8 

The Bomers of pentane. 
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me/ts -130®C 
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isO’Pentane 

boils 28®C 
melts -160®C 



CHz 


HzC 




CHz 


neo-Pentane 
boils 9®C 
melts -20®C 


compact ami symmetrical shape for /7eo-pentane offers much less 
surface contact with its neighbors. Lower van der Waals Interaction 
and therefore lower boiling temperature are expected. 


TABLE 17-3 

The Boiling Temperature of Some Hydrocarbons 


Compound 

Formula 

Boiling Temperature, ®C 

Methane 

CH 4 

-161.5 

Ethane 

CH 3 CH 3 

- 88.6 

Propane 

CH 3 CH 2 CH 3 

-42.1 

/ 7 -Butane 

CH 3 CH 2 CH 2 CH 3 

-0.5 

/?- Pentane 

CH 3 CH 2 CH 2 CH 2 CH 3 

CH 3 

\HCH 2 CH 3 

CH 3 

36.1 

/so-Pentane 

27.9 

neo-Pentane 

I 

CH 3 -C-CH 3 

I 

9.5 


I 

CH 3 
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17-4 Molecular Solids: Argon, Chlorine. Sulfur, and 
Phosphorus 

Argon, chlorine, sulfur, and phosphorus form molecular solids, with 
only van der Waals forces acting between the molecules. Argon 
molecules consist of the single atom. Chlorine forms the diatomic 
molecule, Cl 2 . The electron configuration of the chlorine atom 
provides a satisfactory explanation for the molecular form of this 
element. The single half-filled 3p orbital can be used to form one 
covalent bond. 

In sulfur, the electron configuration In the valence orbitals suggests 
that each sulfur atom will form covalent bonds with two other 
atoms. Sulfur molecules take on the geometrical form of an eight- 
membered puckered ring. The Sj molecules have the structure 
shown in Figure 17-9. 

The valence orbitals for phosphorus indicate that each atom 
should form three covalent bonds to other phosphorus atoms. The 
geometry around the phosphorus atom Is like that around nitrogen 
in ammonia. Three bonds radiate from each phosphorus atom to 
form a pyramid with triangular faces. As shown in Figure 17-10, 
each phosphorus atom makes three bonds in the molecule. The 
form of phosphorus which is called white phosphorus is made up 
of individual molecules, held in the crystal by weak van der Waals 
forces. 

In these four substances, there is strong directional character to 
the bonds within each molecule. In addition, the valence electrons 
are closely associated with a particular molecule. When these 
structural features arise, chemists often speak of localized electrons. 
The van der Waals forces in substances such as these four are 
nondirectional. Because of this, molecular crystals are usually soft 
and easily distorted. Two planes of these crystals can move past 
each other easily because the intermolecular forces are so weak. 
These substances are very poor conductors of electricity. The 
electrons are localized, or held, in a particular molecule, with noble 
gas electron configurations for each atom. Electrons cannot readily 
move through the crystal because neighboring molecules have filled 
valence orbitals. Since the molecules do not have an electric charge, 
there are no charged particles to move and conduct electricity 
through molecular crystals. 

The elements that form molecular crystals are presented in Fig- 
ure 17-11. These are the elements with high ionization energies. 
There are many compounds with zero or small electric dipole that 
form molecular crystals similar to the ones discussed in this section. 
The large proportion of carbon compounds that will be discussed 
in Chapter 1 8 form low melting solids. Each atom in these molecules 
has a noble gas electron configuration. 



FIGURE 17-9 
The structure of S|. 



FIGURE 17-10 
The structure of P4. 
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FIGURE 17-11 Elements that solidify as molecular crystals. 


EXERCISE 17-3 

The compounds CIF and S 4 N 4 H 4 have been synthesized. What 
would you expect their molecular structures to be? Predict what 
their melting temperatures might be relative to ice and to salt. 



RQURE 17-12 
S^con, 8 netwodc crystal. 


EXERCISE 17-4 

Convince yourself that each atom in the three molecules C 2 H 6 
(ethane), CjH^ (ethylene), and CjHa (acetylene) has the electron 
configuration of a noble gas. 


EXERCISE 17-5 

In Table 10-7, page 180, there are nine molecules isoelectronic 
with Fj. Explain why these substances have low melting and 
boiling temperatures. . 


1 7-5 Network Solids : Silicon and Carbon 

Silicon has four electrons in the valence orbitals, the 3s and the 3p 
orbitals. Silicon tends to form four covalent bonds with tetrahedral 
geometry around each silicon atom. In the element, each silicon 









atom Is surrounded by and is bonded to four other silicon atoms. 
This structure is shown In Figure 17-12. It is the same as the diamond 
structure of carbon. The crystal of silicon can be regarded as a 
giant three-dimensional molecule. Solids with an extensive web of 
covalent bonds are called netwofk solids. One can readily under- 
stand why silicon has a very high melting temperature. A large 
number of strong covalent bonds must be broken before melting 
can occur. The hardness and brittle nature of silicon crystals can be 
explained in terms of this structure. A very large force is required 
before the crystal will be deformed. The electrical conductivity 
of silicon is quite low because the electrons are localized in the 
covalent bonds between the atoms. 

Carbon in the form of graphite is another example of a network 
solid. In contrast to the three-dimensional structure of diamond, 
graphite has the layered structure shown in Figure 17-13. There 
are strong covalent bonds between the carbon atoms in any plane. 
Only weak van der Waals forces exist between the layers, accounting 
for the ease with which graphite crystals can be cleaved. This 
property, so apparent from the structure, explains why graphite is 
useful as a lubricant. The elements which form network solids are 
indicated in Figure 17-14. 


EXERCISE 17-6 

When silica (Si02) is heated with carbon, the substance known as 
carborundum is formed. The empirical formula for carborundum is 
SiC. This material is important because it is almost as hard as 
diamond but is much less expensive. What. would you expect the 
structure of SiC to be? How can you account for its hardness? 
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Front view 


FIGURE 17-13 
Structure of graphite. 
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EXERCISE 17-7 


The compound boron nitride, BN, has been known for many years. 
It has a structure very similar to graphite. Recently, It has been 
possible to convert this material to the diamond structure, using 
very high temperatures and pressures. Draw one layer of the 
graphitelike structure and a portion of the diamond structure for 
boron nitride. 


EXERCISE 17-8 

Show that boron nitride and carbon are isoelectronic. Compare the 
total electronic configuration for one boron atom plus one nitrogen 
atom with the total electronic configuration for two carbon atoms. 


Silica, with the empirical formula Si02, is a network solid. Silica 
and other silicon-oxygen compounds make up about 85% of the 
earth's crust. Almost all common minerals contain large amounts 
of silicates, the general term for the silicon-oxygen solids. These are 
network solids but with interesting and important variations. Three 
types of network solids are shown schematically' in Figure 17-15. 
Silicon always forms four bonds but in some compounds there are 
infinite silicon-oxygen-silicon chains; in some there are infinite 
sheets, vvith weak van der Waals forces between the layers; and in 
still others, an infinite three-dimensional structure occurs. 

Many properties of the silicates can be understood In terms of the 
structure at the molecular level. In the one-dimensional chains, 
the atoms within the chain are strongly linked with covalent bonds, 
but much weaker forces exist between the chains. This is consistent 
with the threadlike properties of many of these silicates. The 
asbestos minerals have this type of structure. 

In a similar way the sheets of the two-dimensional silicates are 
held together by weak forces. These minerals cleave readily into 
thin but strong sheets. The silicates called micas have this structure. 
Clays also have this molecular arrangement which accounts for 
their slipperiness when wet. 

The three-dimensional network shown in Figure 17-15 occurs in 
silica or quartz. Like silicon and carbon, quartz has a very high 
melting temperature and is one of the hardest substances known. The 
various minerals in granite have three-dimensional network structures. 


17-6 Metallic Solids: Aluminum, Magnesium, and Sodium 

The remaining elements of the third row are classed as metals. Their 
properties are strikingly different from those of the other elements 
in this row. All metals have high luster or reflectivity. Metals are 
good conductors of heat and electricity. They can be drawn into 
thin wires or hammered into very thin sheets without breaking. 
These properties suggest that the electron configurations of all metals 
have something in common. 



Structural determinations show that each atom in aluminum or 
magnesium has twelve neighboring atoms In sodium, each atom 
has eight neighboring atoms. This is a strange situation ’ From 
argon to silicon, the number of covalent bonds in the elements 
changes from 0 to 4. These numbers are in agreement with the 
numbers of vacancies in the valence orbitals 
For sodium there is one valence electron to be shared with eight 
other sodium atoms in the metal Each sodium atom has four valence 

FIGURE 17-15 Silicate structures 




orbitals (one 2s and three 3p) available for its electron and for 
the valence electrons of the neighboring sodium atoms. Each atom 
has an abundance of valence orbitals but a shortage of bonding 
electrons. The valence electron is free to move in the valence 
orbitals around its parent nucleus. Everywhere the electron moves, 
it finds itself between two or more positive nuclei. 

What is the nature of the metallic bond ? This bond, like ail others, 
forms because the electrons can move in such a way that they are 
simultaneously near two or more positive nuclei. The space around 
an atom in a metal is a region of almost uniformly low potential 
energy. Under these circumstances. It is not surprising that an elec- 
tron can move easily from place to place. Each valence electron is 
virtually free to make its way throughout the crystal. 

A metal is pictured as an array of positive Ions located at the crystal 
lattice sites, immersed in a "sea" of mobile electrons. The idea of a 
more or less uniform sea emphasizes an important difference between 
metallic and covalent bonding. In covalent bonds the electrons are 
localized In a way that fixes the positions of the atoms quite rigidly. 
In contrast, the valence electrons in a metal are spread throughout 
the crystal. Chemists talk about nonlocalized electrons in a metal. 

The location of the metals in the Periodic Table is shown in 
Figure 17-16. The metals are found on the left side of the table 
while the nonmetals are on the right. Furthermore, the elements 


FIGURE 17-16 Periodic Table showing crystal types in which elements solidify. 





on the left side of the table have relatively low ionization energies. 
The low ionization energies of the metallic elements aid in explaining 
many of the features of metallic behavior. 

1 7-7 Crystal Structure of Metals 

There are many ways in which atoms can be arranged in repeating 
units to form crystals of the elements. In a crystalline solid where all 
atoms are identical, the state of minimum energy is often achieved 
when atoms are packed together as efficiently as possible. This 
condition is referred to as closest-packing. Most metals form crystals 
with a closest-packed structure. 

In Figure 17-17, closest-packing in two dimensions is shown. 
Each atom, represented by the sphere, is surrounded by and is in 
contact with six other spheres. These are called nearest neighbors. 
(The wax honeycomb in a beehive is very similar in appearance, 
with hexagons rather than spheres packed together.) To help you 
keep track of different layers, these spheres are colored gray. There 
are holes between the spheres. 

A second closest-packed layer can be placed on top of the first. 
The most compact arrangement places the second group of spheres 
in one of the two sets of holes in the first layer. This is illustrated 
in Figure 17-18 in which the second layer is blue. Now you can 
notice two types of openings in the second layer. Some are white 
because they are over holes in layer one. Some are gray; they are 
over spheres in layer one. A third closest- packed layer can be placed 



FIGURE 17-17 
A )«ytr of clofe-packed *phefBs. 



I 



I 

Exploded view 


FIGURE 17-18 

Two layers of dose-packad spheres. 



RGURE 17-19 

Hexagonal closest- packing of spheres. 
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in two ways, either above the original set of spheres in layer one 
(over the "gray" holes) or above the alternate set of "white" holes. 
The first possibility is illustrated in Figure 17-19. This pattern of 
layers, numbered 12121212 ..., is called the hexagonal closest- 
packed structure, The other arrangement is Illustrated in Figure 17-20. 
Here, the number pattern, 123123 ... , emphasizes the placement 
of the layers. This structure is called cubic closest- packed. Rotation 
of the grouping in Figure 17-20 brings out the cubic structure, 
accounting for the name. There are spheres at the eight corners of 
the cube and a sphere at the center of each face. This is one of the 
most important crystal structures. It is often referred to by the 
name face-centered cubic. 

FIG U R E 1 7-20 Cubic closest-packing of spheres. 





Exploded view 

In either of the closest-packed arrangements, each sphere is in 
contact with twelve other spheres. This is easy to see in Figure 17-19, 
where a sphere labeled "1" would have six spheres surrounding it 
in a plane, with three spheres above it and three spheres below it. 
Solids whose molecules or atoms are approximately spherical and 
are linked by nondirectional bonds often crystallize with one of the 
closest-packed structures. The noble gases form crystals with either 
cubic or hexagonal closest-packing. The hydrogen halides and 
molecular hydrogen are very nearly spherical molecules. These 
substances crystallize in one of the closest-packed structures. 

In metallic magnesium and aluminum, each atom has twelve 
nearest neighbors. X-ray studies show that magnesium metal 
exhibits hexagonal closest-packing and aluminum metal crystallizes 
in the cubic closest-packing structure. What about sodium metal? 
Each atom has eight nearest neighbors. Sodium must crystallize in 


some other pattern than the hexagonal and cubic closest-packed 
structures. 

The crystal structure for metallic sodium is shown in Figure 1 7-21 . 
There are eight sodium atoms at the corners of a cube and one more 
in the center. This structure has been given the name body-centered 
cubic. The efficiency of packing atoms in this crystal pattern is 
slightly less than the two closest-packed forms. A number of 
metals, Including iron and the alkali metals, exhibit body-centered 
cubic structures at room temperature. 


EXERCISE 17-9 

In Figure 16-8, page 321, the X-ray patterns for aluminum, copper, 
and sodium metal are shown. What type of crystal structure would 
you expect for copper? 



FIGURE 17-21 

Body- centered cubic packing of spheres. 


17-8 An Explanation for Metallic Properties 


Nonlocalized or mobile electrons account for many unique features 
of metals. Since metallic bonds do not have strong directional 
character, it Is not surprising that most metals are soft and can be 
easily deformed into thin foils and veiy fine wire without shattering 
the crystals. Under the influence of a stress, one plane of atoms 
may slip by another. As this occurs, the electrons maintain some 
degree of bonding between Jhe two pianes. Figure 17-22 illustrates 
what happens. Metals can often be hardened by adding small 
amounts of carbon or nitrogen or sulfur. These elements have the 
property of forming directed covalent bonds. As a result, much 
more energy is required to move one plane of atoms past another, 
accounting for the increase in hardness. At the same time, the 
brittleness of the metal is increased when these elements are added, 
even in small amounts. The fracture of the crystal may occur when 
the covalent bonds are broken. 

Metals are good conductors of electricity and heat because 
valence electrons are free to move throughout the solid. In regions 
of high temperature electrons can acquire large amounts of kinetic 
energy. This energy can be transferred through the crystal rapidly 
as electrons interact with other free electrons. Metallic bonding 
• occurs when two circumstances arise : 

(1 ) the ionization energy is low and valence electrons are not 
held strongly; 

(2) there are more unfilled valence orbitals than valence electrons. 

In contrast, the electrons in covalently bonded solids am localized 

in the space between a particular pair of atoms. There are essentially 
no vacant orbitals available. In these unfavorable circumstances, 
a large amount of energy must be supplied to move eiechons. 
Hence, covalent compounds are poor conductors. 




FIGURE 17-22 

Atomic view of metal planes sliding 
over one another. 


17-9 Alloys 

When two metals are heated above their melting temperatures and 
then allowed to cool, the solid that is obtained is called an alloy. 
Sometimes an alloy has properties very similar to those of the 
original metals and, other times, the alloy may have very different 
properties. Often alloys are more useful than the starting metals. 
The many kinds of steel that have been developed are examples. 
Some important alloys are listed in Table 17-4. 

TABLE 17-4 

Some Useful Alloys 


Composition of Alloy 

Name (percent by mass) Uses 


Stainless steel 

16 Cr 

8Ni 

76 Fe 

Corrosion resistant steel 

Nichrome 

60 Ni 

Resistance wire in electric 


15 Cr 

25 Fe 

heaters and toasters 

Alnico 

12 Co 

10 Al 

17 Ni 

61 Fe 

Permanent magnets 

Brass 

60-90 Cu 
40-10 Zn 


Bronze 

80 Cu 

15 Sn 

5Zn 

Naval hardware 

Gold (16 karat) 

67 Au 

33 Cu 

Jewelry 

Soft solder 

50 Sn 

Low melting alloy that 


50 Pb 

bonds to many metals 


and provides structural 
and electrical continuity 


The tensile strength of Iron can be increased tenfold by the addition 
of small amounts of carbon, nickel, manganese, and other metals. 
The tensile strength of brass is more than twice that of copper and 
four times that of zinc. The hardness and strength of alloys can 
be explained in terms of bonding. The impurity atom may form 
localized and rigid bonds. Such bonds tend to prevent the slippage 
of atoms past each other, which results in a loss in malleability and 
an increase of hardness. 

Electrical conductivity in metals apparently depends upon the 
smooth and uninterrupted movement of electrons through tK6 crystal 
lattice. Small amounts of impurities in a metal such as copper may 
seriously affect its ability to conduct electricity. In Section 15-9, 



page 297, the electrolytic method to purify copper was discussed. 
The importance of this method is directly related to the gain In 
el^rical conductivity. Table 1 7-5 shows the conductivity of copper, 
with various impurities. 


TABLE 17-5 


Conductivity of Some Copper Alloys 


Composition of Alloy 
(percent by mass) 

Temperature 

“C 

Conductivity 

(ohm-cm)“’ 

100 Cu 

25 

5.9 xIO* 

99 Cu 1 Mn 

0 

2.1 xIO* 

95.8 Cu 4.2 Mn 

25 

0.56 X 10* 

97 Cu 3 Al 

0 

1.2 XIO* 

90 Cu 10 Al 

0 

0.79 X 10* 

88 Cu 12 Sn 

25 

0.56 X 10* 


17-10 lofiic Solids 

The most extreme example of charge separation Is represented by 
the formation of ionic solids. In Section 1 0-1 . page 1 69, the decrease 
in potential energy as positive and negative tons approached one 
another to form an ionic lattice was discussed. Each positive ion 
has only negative ton nearest-neighbors and each negative bn has 
only positive ion nearest-neighbors. 

Earlier in this chapter, the bonding in gaseous lithium fluoride 
was examined. Although the diatomic molecule is held together 
because the bonding electrons are near both nuclei, the electron 
distribution is concentrated toward the fluorine atom. A stable 
and polar molecule is formed. Stable, but also highly reactive! 
The valence orbitals of the lithium atom are almost vacant, lithium 
fluoride molecules are more stable when each lithium atom, with 
its vacant valence orbitals, is placed near several fluorine atoms. 
This is achieved by the formation of a solid. As In metals, an atom 
with vacant orbitals is more stable when it has several neighbors. 
There is. however, a significant difference for ionic solids as com- 
pared with metals. In lithium fluoride, half of the atoms have high 
ionization energies. Fluorine atoms hold their electrons tightly. 
Therefore, the characteristic electron mobility of metals is rvot present 
in an ionic solid. The absence of mobile electrons implies that 
metallic properties are not expected. 

Ionic solids form regularly shaped crystals with well-defined 
crystal faces. Most ionic solids have high melting temperatures 
because a large amount of energy is needed to overcome the electro- 
static forces that hold the crystal together. Ionic crystals cleave 
along certain directions only. Figure 17-23 suggests cleavage plan^ 
in a crystal such as NaCI. 

Ionic solids do not conduct electricity because electrons are 
localized in the vicinity of the negative ions. However, when these 
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Knife blade pieced 
on cleavage plane 



Knife blade placed 
on noncleavage plane 



FIGURE 17-23 
Cleavage planes in sodium chloride. 


Cleaved crystal 




FIGURE 17-24 

CIo^ padced ions in a sodium 
chlonde crystal. 


solids are melted, the charged ions can move under the influence 
of an external electric field. The electrical conductivity of molten 
salts is generally lower than that of a typical metal, it is easy to 
understand why. In a metal, movement of electrons is responsible 
for the transport of electric charge. In a molten salt, ionic migration 
carries electric charge. Since ions have much greater mass than 
electrons, they move at much lower velocities. The rate at which 
electric charge is transported by ions is relatively low. 

1 7-1 1 Structure of Ionic Solids 

Ionic solids are found with many different crystal patterns. There is 
an interesting similarity between some of these structures and the 
closest-packed structures that were discussed In Section 17-7. In 
metals where the atoms do not carry an electric charge, atoms often 
pack together in the most efficient way possible. In an ionic solid 
such as sodium chloride, ions pack together in the most efficient 
way, too. There Is a new factor arising from the presence of electric 
charges. Ions of like charge would give rise to large repulsive forces, 
driving the ions apart. However, the negative ions and the positive 
ions can alternate and provide attractive forces. The result is shown in 
Figure 17-24. Positive ions with vacant valence orbitals are sur- 
rounded by negative ions with filled valence orbitals land vice versa. 

1 7-1 2 Solubility of Electrolytes in Water 

The dissolving of electrolytes In water is one of the most important 
solvent effects that can be attributed to electric dipoles. Crystalline 
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sodium chloride is quite stable as shown by its high melting tem- 
perature. Yet sodium chloride dissolves readily in water. There 
must be strong interaction between water molecules and the ions 
formed in solution. This effect can be explained in terms of the 
polar nature of the interacting substances. 

When an electric dipole (as in water molecules) is brought near 
an ion, the energy is lower if the dipole is oriented to place unlike 
charges near each other. This process, called hydration, is shown in 
Figure 1 7-25, In earlier sections of this book, the notation, Na^(aq), 



FIGUBE 17-2S 
Hydration of kms. 


was used to indicate interaction between the solvent water and 
the sodium ion. The structure of liquid water and of the aquated 
ions, H‘^(aq) and OH“(aq), are a consequence of the electric 
dipole of water. 

17-13 The Hydrogen Bond 

Section 10-7, page 185, presented some of the observations that 
led chemists to suggest a hydrogen atom can form two bonds in 
some compounds. Substances which contain hydrogen attached to 
oxygen, nitrogen, or fluorine often have abnormally high melting 
and boiling temperatures. Other properties are also affected, for 
instance, the infrared and NMR spectra. 

The data in Figures 10-6 and 10-7 show that the interaction 
must be much stronger than van der Waals forces. Expenments 
show that formation of most hydrogen bonds rele^es between 
3 kcal/mole and 10 kcal/mole: 

A/y = “3 to -lOkcal/mde 
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The energy of this bond places it between van der Waals and 
covalent bonds. Roughly speaking, the energies are in the ratio 
van der Waals attractions : hydrogen bonds : covalent bonds 

1 : 10 : 100 

Hydrogen bonds have also been found in solid phases. The most 
familiar example is solid HJO, or ice. Ice has a crystal structure in 
which the oxygen and hydrogen atoms are distributed in a regular 
hexagonal crystalline lattice that somewhat resembles the diamond 
lattice (see Figure 17-12). Each oxygen atom is surrounded by 
four other oxygen atoms in a tetrahedral arrangement. The hydrogen 
atoms are found on the lines extending between the oxygen atoms. 

/ 

O-H- • • -0 

/ \ 

One of the factors connected with the formation of strong hydrogen 
bonds is the acidic character of the hydrogen atom involved. Thus 
the hydrogen bond formed by hydrogen fluoride is one of the 
strongest known. Acetic acid, CH3COOH, is a representative of an 
important class of acidic hydrogen bonding compounds. All of 
the members of this class possess the structural unit called the 
carboxylic acid group: 


0 

// 

-c 

\ 

O-H 

For this type of compound, the formation of hydrogen bonds can 
lead to the coupling of the molecules in pairs, to form a cyclic 
structure: 


Q. . . . H— 0 

/ \ 

2CH3COOH CH3-C C-CH3 

\ y 

0 - H ““0 

~14kcal 

Here the favorable geometrical arrangement with two hydrogen 
bonds contributes 14kcal to the stability of the hydrogen bonded 
product. 

Hydrogen bonds play an important part In determining such 
properties as solubility and phase change temperatures. They affect 
the form and stability of crystal structures. They play a crucial role 
in biological systems. For example, water is so common in living 
matter that it must influence the chemical behavior of many bio- 
logical molecules, most of which can also form hydrogen bonds. 
Water can attach itself by hydrogen bonding, either by providing 
the proton, as in 
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H 


0-H----0=c'^ 

/ \ 


or in accepting the proton, as in 


\ / 

N~H* • • -0 

/ \ 


H 


Furthermore, intramolecular hydrogen bonding is one of the chief 
factors in determining the structure of such important biological sub- 
stances as proteins. These substances are discussed In Chapter 18. 

17-14 Review 


Electrons in a chemical bond may be distributed in a symmetrical 
fashion between the atoms forming the bond. Whenever two different 
atoms bond, there is the possibility that electrons will be found more 
often near one atom than the other. This shift of negative charge 
gives rise to an electric dipole in the bond. The overall electric 
dipole for a molecule arises from combination of all the bond dipoles. 

The presence or absence of a net electric dipole for the second-row 
fluorides guides us in understanding the geometrical shapes of 
simple molecules. The correlation between orbitals used for bonding 
and the resulting molecular geometry is one of the most useful 
generatizadons chemists have proposed. Here is a summary of 
the examples discussed In this chapter. 


Bonding orbitals 
used by 
centra] atom 

s 

sp 

sp^ 

sp^ 

p^ 

p^ 

p 


Resulting molecular 
qeometry 

linear 

linear 

planar, Y-shaped 

tetrahedral 

pyramidai 

bent 

linear 


The bonding betwe$n molecules, atoms, or ions accounts for the 
formation of liquids and solids. It has been convenient in this 
chapter to classify solids under four heading: molecuiar soikb, 
covalent or network solids, metallic solids, and ionrc sdids. The 
melting and boiling tanperatures, the physical properties J^sociated 
With different types of solids, and the electrical conductivity are 
interpreted in terms of the type of structure In the solid. The sig- 
nificance of van der Wa^ts forces in the formation of Hquids and 
solids is presented in this chapter. The hydration of ions In a solvent 
such as water is outlined as an electrostatic reaction between a 
dipole (HjO) ami an ion (Na+ or 0“). Hydrogen boncfing is also 
discussed. 
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Although chemists develop different models and words in talking 
about the nature of the chemical bond, it is important to state once 
more the single reason for all atomic and molecular interactions. 


Chemical bonding arises from the decrease in energy 
that occurs when electrons can interact with two or 
more nuclei simultaneously. 


Questions and Problems for Chapter 17 


1 

Ethylene, C2H4, has zero molecular dipole while hydra- 
zine, N2H4, has a large one. Explain. The atoms in 
each follow normal bonding rules. 

2 

Would you expect SiHsF to have a molecular dipole? 
Explain your answer. 

3 

Consider the two compounds CH3CH3 (ethane) and 
CH3NH2 (methylamine). Why does CH3NH2 have an 
electric dipole while CH3CH3 does not? 

4 

Consider the following series: CH4, CH3CI, CH2CI2, 
CHCI3, CCI4. In which cases will the molecules have 
electric dipoles? Support your answer by considering 
the bonding orbitals of carbon, the molecular shape of 
thernolecules, and the resulting symmetry. 

5 

Draw the three isomers of dichloroethylene. Which 
wit)^ be ^tar molecules ? 

$ 

WotAi you expect liquid ammonia to be a good 
soivem for ionic compoumte? 


Hydrogen peroxide, HjOj, has a moderate-sized mo- 
lecular dipole. Describe the bonding orbitals used and 
propose a structure to explain the dipole. The atoms 
in H2O2 fit the normal bonding rules. 

8 

Ozone, O3, has a molecular dipole. Suggest a structure. 

9 

Considering comparable oxygen compounds, predict 
the shape of H2S and H2S2 molecules. What bonding 
orbitals are used? 

10 

Predict the type of bonding and the shape of the 
Ion BF4“. 

11 

Predict the structure of the compound N2F2 from the 
electron dot representation of the atoms and the 
molecule. 

12 

Sulfur is made up of Sg rnolecules; each molecule has 
a cycHc (crown) structure. Phosphorus contains P4 
molecules; each molecule has a tetrahedral structure. 
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On the basis of molecular size and shape, which would 
you expect to have the higher melting temperature? 

13 

The elements carbon and silicon form oxides with 
similar empirical formulas: CO 2 and SiOj. The former 
sublimes at -78.5X and the latter melts at about 
ITOO^C and boils at about 2200®C. From this large 
difference, propose the types of solids involved. Draw 
an electron dot or orbital representation of the bonding 
In CO 2 that is consistent with your answer. 

14 

Discuss the conduction of heat by copper (a metal) 
and by glass (a network solid) in terms of the valence 
orbital occupancy and electron mobility, 

15 

Contrast the bonds between atoms in metals, in 
molecular solids, and in network solids In regard to ; 

(a) bond strength, 

(b) orientation in space, 

(c) number of orbitals available for bonding. 

16 

How do you account for the following properties in 
terms of the structures of the solids ? 

(a) Graphite and diamond both contain only carbon. 
Both are high melting yet diamond is very hard 
while graphite is a soft, greasy solid. 

(b) When sodium chloride crystals are shattered, plane 
surfaces are produced on the fragments. 

(c) Silicon carbide (Carborundum) is a very high- 
melting, hard substance, used as an abrasive. 

17 

If you were given a sample of a white solid, describe 
some simple tests you would perform to help you 
classify the solid as molecular, network, ionip, or 
metallic. 

18 

If elements A, D, E, and J have iatomic nmkim 6, 9, 
1 0, and 1 1 (in order), write the fOTHiia for a substance 
you would expect to form between the following : 


(a) Dar>dJ (d) fandf 

(b) A and D (e) J and J 

(c) DandD 

!n each case describe the forces involved between 
the building blocks in the solid state. 

19 

Predict the order of increasing melting temperature of 
these substances containing chlorine: HCl, Cf}, NaCi, 
CCi 4 . Explain the baste of your prediction. 

20 

Ictentify alt the types of bonds you woukl expect to 
find in each of the foltowing crystals : 


(a) argon (f) AI 

(b) water (g) CaD 2 

(c) methane (h) KQOj 

(d) carbon monoxide (i) NaCI 

(8) Si (i) HCN 


21 

Aluminum, silicon, and sulfur are dose together in the 
same row of the Periodfc Table, yet their eiectrical 
conductfvrties are widely different. Aluminum is a 
metal; silicon has much lower conductivity and is 
called a semiconductor; sulfur has such low con- 
ductivity it is called an insulator. Explain these 
differences in terms of valence orbital occupancy. 

22 

Consider each of the following in the solid state: 
sodium, germanium, methane, neon, potassium chlo- 
ride, water. Which would be an exariH^ of 

(a) a solid held together by van der Waals forces that 
melts far below room temperature ; 

(b) a solid with a high degree of electrical conduc- 
tivity that melts near lOCfC ; 

(c) a high melting, network solid involving covalently 
bonded atoms; 

(d) a nonconducting solid whidi becomes a good 
conductor upon melting ; 

(e) a substance in which hydrogen bondng is pro- 
nounced? 
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23 


Each of three bottles on the chemical shelf contains a colorless liquid. The labels have fallen off the 
bottles. They read as follows. 

Ubel No. 1 Label No. 2 Ubel No. 3 


/?-butanol 
CH3CH2CH2CH2OH 
molar mass = 74.12 


n-pentane 
CH3CH2CH2CH2CH3 
molar mass = 72.15 


diethyl ether 
CH3CH2OCH2CH3 
molar mass =* 74.12 


The three bottles are marked A, B, and C, and a series of measurements were made on the three liquids 
to permit identification. The following data was obtained. 


Liquid A 
Liquid B 
Liquid C 


m.t 


b.t. density AH vap'n 


solubility 
in water 


-131 .5“C 

-116 

-89.2 


36.2“C 

34.6 

117.7 


0.63 g/cc 
0.71 
0.81 


85cal/g 0.036 g/1 00 ml 

89.3 7.5 

141 7.9 


Which liquid should be given Label No. 1, Label No. 2, Label No. 3 ? Explain how each type of measure- 
ment influenced your choices. 



The Chemistry of Carbon 
Compounds 


The compounds of carbon furnish one of the most intriguing 
aspects of chemistry because they play a dominant role In the 
chemistry of living things, both plant and animal. In addition, there 
are innumerable carbon compounds useful to man: dyes, drugs, 
detergents, plastics, perfumes, fibers, fabrics, foods, flavors, and 
fuels. Manufacture of these compounds has given rise to a huge 
chemical industry requiring millions of tons of raw materials each 
year. Where do we find the enormous quantities of carbon and 
carbon compounds which are needed for this industry? How have 
chemists been able to transform one carbon compound into another ? 
These are some of the questions considered in this chapter. 


18-1 Sources of Carbon Compounds 

Coal is a black mineral of vegetable origin. Its production began 
during prehistoric eras when warm, wet climatic conditions led to 
rapid growth of plants. As the plants died, they accumulated on 
the forest floor or in swamps and marshes. The cycles of decay, 
new growth, and decay caused vast deposits of plant material to 
build up. Enormous pressures were exerted on the lower levels 
of this material. In time the layers were pressed into hard beds 
composed chiefly of the carbon that was present in tf^ original 
plants. Appreciable amounts of oxygen, hydrogen, nitrogen, and 
sulfur compounds are also present in coal. When coal is heated to 
a high temperature in the absence of air, it decomposes. Volatile 
products, coal gas and coal tar, are driven off and a residue called 
coke remains. This valuable industrial material is almost pure carbon. 
In Chapter 1 1 , the formation of "water gas" from coke was outlined. 

About eight gallons of coat tar are distilled from a ton of coal. 
We speak of coal tar as though it were simple. However, over 
200 different carbon compounds have been isolated from it 
While the great value of coal to mankind has been as a fuel, the 
many substances in the gas and tars make coal a very important 
source of chemical raw materials. 



A second source of carbon compounds is petroleum, a complex 
mixture which may range from a thin, volatile liquid to a viscous, 
tarry substance. Petroleum also had its origin in living matter that 
underwent chemical changes over the course of geological time. 
It is found underground between the grains of sandstone left from 
ancient seas. Natural gas is found in similar types of rock. Huge 
oil refineries daily change millions of gallons of crude oil Into 
useful products. 

Plants and animals are themselves highly effective chemical 
factories and they synthesize many other carbon compounds useful 
to man. These include proteins, sugars, cellulose, starches, vitamins, 
plant oils, waxes, fats, gelatin, dyes, drugs, and fibers. 

Because ail of these sources of carbon compounds had their 
origin in living matter, plant or animal, the chemistry of carbon is 
called organic chemistry. This name came from the belief, now 
discarded, that living materials were organized in a unique way or 
contained some special ingredient not present in nonliving matter. 
Compounds containing carbon are called organic compounds. Some 
chemists exclude CO^, CO, and a few ionic substances such as 
sodium carbonate, Na 2 C 03 , and sodium cyanide, NaCN. 

Although each of the sources mentioned accounts for thousands 
of tons of material, it is interesting that most of the carbon of our 
planet is not in these forms. It has been estimated that the CO 2 in 
the earth's atmosphere contains about 40 times as much carbon 
as in all the fossil fuels and forests. But the largest store of all is 
the inorganic carbonates in limestone and other minerals. These rocks 
contain about 400,000 times as much carbon as the coal, oil, and 
wood reserves. Perhaps future chemists will find an economical 
way to convert the carbon in such minerals to more useful forms. 

There are several million different carbon compounds known. 
The 100,000 new organic compounds synthesized in just one year 
exceeds the total number of compounds known that contain no 
carbon ! The number of organic compounds is very large because 
each carbon atom has an outstanding ability to form highly directed 
covalent bonds to other carbon atoms. With the formation of 
many carbon-carbon bonds goes the possibility of having isomers. 
Thus, each molecular formula can represent many compounds. For 
example, you learned in Chapter 10, Exercise 10-6, that three 
compounds have the same formula, C 5 H 12 . It has been found that 
C|oH 22 - represents 75 different compounds and C 30 H 42 9 t)out 
four billion distinct arrangements. Another factor producing a large 
number of compounds is the ability of carbon to form many stable 
substances with double and triple bonds between the carbon atoms 
themselves. Picture just one of the 75 forms of decane, C 10 H 22 / 





There are five different ways in which two hydrogen atoms could 
be removed to produce a double bond. One of these is 
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EXERCISE 18-1 

Draw structural formulas for the four other possible isomers of 
Why are there not nine? 


1 8-2 Hydrocarbons and Their Reactions 

In Chapters 10 and 17, hydrocarbons were used as examples to 
illustrate covalent bonding and molecular geometry. Ethane, ethylene, 
and acetylene are examples of hydrocarbons 


\ / \ / 

C-C 

\ \ 

ethane ethylene 

C—C single bond C— C double bond 




acetylene 

C~Ctrpebond 


Ethane contains only carbon and hydrogen atoms connected by 
single bonds. Such compounds are called saturated hydrocarbons. 
Ethylene and acetylene are unsaturated hydrocarbons. There is a 
carbon-carbon double bond in ethylene and a triple bond in acetylene. 

Saturated hydrocarbons are widely used as fuels to heat our homes 
and to move our automobiles. Therefore it may be surprising to 
Jearn that these compounds are not very reactive. They are umeactive 
to strong acids and bases and to many oxidizing or redudng agents. 
Under very extreme conditions saturated hydrocarbons undergo 
oxidation with c^gen orVvith the halogens. A few reactions with 
methane can serve as illustrations. \ 

CH4 + 20a— ►C02+\l^O 
6CH4-i- Oa— ►2C2H2 + 2d9 + 4H2 
CH4+ X2— ►CHjX + HX 

(Further reactions give CHjXa, CHX3, and CXi-) 

These reactions are often difficult to ccmtrol and mixtures of the 
products arise.XTherefore it is important to transform die saturated 
hydrocarbons in^ther substa«K»s whWi are much mom reactive. 
Then we can use synthetic promdures wi^ cat be controlled, 
to make a great variety of useful ^rbstances. Ethyterm and acetylene, 
with their mulriple carbon-oarbon ^ nmch more reactive 
than ethane. Their reactions w^ water^^e important lixiustrial 
routes to ethyl akscrird i»id acelalilehyde. 
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\ / 

0=C + HjO 

H H 


\ / 

H OH 
ethanol 


+ HaO- 


/ 

/ \ 

H OH 

vinyl alcohol 


H 


H 


H 0 

acetaldehyde 


In Chapter 16 the reactions of ethanol were explained on the 
basis of the behavior of the —OH group in CH3CH2OH. For many 
of the reactions of ethanol, it is the OH group that reacts. The rest 
of the molecule has the saturated hydrocarbon structure, CH3CH2— , 
which Is relatively unreactive. It is helpful to regard ethanol as 
containing two parts, the C2H5— or ethyl group, which is unchanged 
during many reactions, and the —OH or hydroxyl group, which can 
change. 

Such a division can be made of many organic molecules. There is a 
good reason to do so. In that way, the millions of compounds can 
be reduced to a few hundred types according to the reactive group 
they contain. Those groups that most frequently change during 
reaction are called functional groups. Through study of the 
chemical behavior of a few alcohols we can learn the main reactions 
of hundreds of compounds containing the —OH group as the only 
functional one. 

In order to focus attention on the group that is reacting, a simplified 
formula is used. In it the part of the molecule other than the func- 
tional group is represented by R. Thus the general formula for 
alcohols is R— OH. When the group represented by R contains 
only chains of carbon and hydrogen atoms, it is called an alkyl 
group. The ethyl group, C2H5— , is a specific example of an alkyl group. 

In Section 16-2 it was mentioned that ethyl bromide forms when 
ethanol reacts with hydrogen bromide. Similar treatment of ethanol 
with hydrogen chloride or hydrogen iodide gives the corresponding 
ethyl halides: 

CH3CH2OH -h HCI CH3CH2CI 4 * H2O 
CH3CH2OH + HI ->CH3CH2l -l-HjO 


EXERCISE 18-2 

Write the equation for the general reaction between alcohols and 
HCI. Use — R to represent the hydrocarbon part of the molecules. 


The hydroxyl group has been displaced, and the halogen atom 
substituted. The group CH3CH2— has not changed. Indeed, this 
group has appeared in most of our discussion so far. Sometimes it 



was attached to oxygen, as in ethanol and sodium ethoxide, and 
sometimes attached to other atoms, as in the ethyl halides. Looking 
at the structural formula of ethane, you see that it is simply the 
CH 3 CH 2 — group attached to hydrogen : 

CH3CH2-H or CH3CH3 

Because ethyl bromide and ethyl alcohol can be thought of as 
being derived from ethane by the substitution of — Br or —OH for 
one of its hydrogens, they are called derivatives of ethane. Ethane 
is the parent hydrocarbon for a series of related compounds, some 
of which will be discussed in the next section. 


EXERCISE 18-3 

Give the structural formula for two derivatives of propane. 


18-3 Oxidation of Organic Compounds 

By far the majority of the several million known compounds of 
carbon also contain hydrogen and oxygen. There are several 
types of oxygen-containing organic compounds and they can be 
studied as an oxidation series. For instance, the compound methanol 
CH 3 OH, is very closely related to methane, as their structural formulas 
show. Methanol can be regarded as the first step In the complete 
oxidation of methane to carbon dioxide and water. 

Alcohols react with inorganic oxidizing agents such as potassium 
"dichromate, K 2 Cr 207 . When an acidic solution of potassium di- 
chromate reacts with methanol, the solution turns from bright orange 
to muddy green, because of the production of green chromic ion, 
The solution then has a strong odor easily identified as that 
of formaldehyde, CH 2 O. The structure for the compound is shown 
at the top in Figure 1 8-1 . Notice that the bond between carbon and 
oxygen has become a double bond. All the atoms in formaldehyde 
lie in the same plane. 

Acetaldehyde can be' made from ethanol by the same type of 
oxidation that yields formaldehyde from methanol. Acetaldehyde 

\ 

contains a methyl group attached to a C=0 portion, called a 

carbonyl group. In this compound the carbonyl group also has a 
hydrogen atom bonded to it. You might correctly predict that there 
would be a series of such compounds with different alkyl groups 
connected to the carbonyl group. There is such a series. The 
compounds are called aldehydes and have the general formula 

0 

// 

R-C 

\ 

H 


359 


a-# 



CHiCHO 

FIGURE 18-1 

The stnictuts of aldehydes, formaMehyde 
and acetaldehyde. 
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EXERCISE 18-4 

Write the formula of the aldehyde made from normal pentane. 


Another oxidation product can be obtained from the reaction of 
an acidic solution of potassium permanganate with methanol. The 
product has the formula HCOOH, and ts called formic acid. The 
structural formula of formic acid is shown in Figure 18-2. The 
structure of formic acid is also related to the structure of formaldehyde. 
If one of the hydrogen atoms of formaldehyde is replaced by an 
OH group, the resulting molecule is formic acid. 

Just as methanol can be oxidized to formic acid, ethanol can 
be oxidized to an acid, CH 3 COOH, called acetic acid. The molecular 
structure of acetic acid is also shown in Figure 1 8-2. The atomic 
grouping 




or -COOH 


is called the carboxyl group and acids containing this group are 
called carboxylic acids. Their general formula is 


/ 


R-C 


\ 


OH 


or RCOOH 


The oxidation of acetic acid is difficult to accomplish. It does not 
react in solutions of KjCrjOT- or KMn 04 . Vigorous treatment, such 
as burning, causes its complete oxidation to carbon dioxide and 
water. Formic acid also can be oxidized to carbon dioxide and water 
by combustion with oxygen. 


FIGURE 18-2 


EXERCISE 18-5 


The ^ure of carboxylic acids, Butanol isan alcohol with the structural formula, CH 3 CH 2 CH 2 CH 2 OH. 

formic and acebc aci . oxidized carefully, an aldehyde called butyraldehyde is 

obtained. Vigorous oxidation gives an acid called butyric acid. 
Draw structural formulas of these compounds like those shown in 
Figures 18-1 and 18-2. 


The series alcohol, aldehyde, carboxylic acid represents the step- 
wise oxidation path taken when the —OH group in the alcohol is 
on an end ^carbon of a chain. There are some alcohols having the 
—OH group on a carbon atom other than an end one. Figure 1 8-3 
illustrates the series for a three-carbon compound. 

When 2-propanol is oxidized, a carbonyl group forms from the 
hydroxyl groi^. This is Just what happened before. But the product, 
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acetone, has a new feature not present in acetaldehyde. In Fig- 
ure 18-4 you can see that the carbonyl group in acetone has no 
hydrogen attached to it. It cannot be oxidized to an acid. It will 
react with oxygen, giving CO 2 and water as in the oxidation of 
acetaldehyde or acetic acid. 

Acetone is the simplest member of a class of compounds called 
ketones. They are quite similar in structure to the aldehydes, since 
each contains a carbonyl group. The general formula for ketones is 


R--C~R' 


Huge amounts of aldehydes and ketones are used industrially in a 
variety of chemical processes. Furthermore, these functional groups 
are important in chemical synthesis of medicines, dyes, plastics, 
and fabrics. 

18-4 Amines (Organic Bases) 

Alcohols can be related to water by imagining that an alkyl group 
(such as —CHg) has been substituted for one of the two hydrogen 
atoms of water. In the same way, a group of compounds called 
amines is related to ammonia ; 

\ \ \ 

N-H ^N-R ^N-CHjCHa 

H H H 

ammonia an amine ethyiamine 

Amines can be prepared by direct reaction of ammonia with an alkyl 
halide, such as CHjBr or CH 3 CH 2 I. Iodides react with the highest 
rate. 

CH 3 CH 2 I + 2 NH 3 — ► CH 3 CH 2 NH 2 + NH 4 I 

This equation represents a net change that occurs when an excess 
of ammonia reacts with an alkyl iodide. The mechanism of the 
reaction is thought to involve two steps. The flr^ is analogous to 
the attack of the hydroxide ion on an alkyl halide (see F^ure 1 2-1 4) : 

NH 3 + Rl RNHs'' -h r 

The second step is a proton transfer reaction : 



C9fbon iMoxide + 


FIGURE 18-3 

Successive stages in the oxidadoii 
d a normal akmhol, R"-OH. 


18-5 AckIReacdons 


Oxidation of an aldehyde gives an organic acid, ^ such acids 
contain the functional group — COOH, the carboxyl group. The 
bonding In this group is 
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2-propanol, 
general formula 
H 






The carboxyl group releases a proton, acting as a Bronsted acid. 

In addition to this acidic behavior, an important characteristic 
of carboxylic acids is that the entire OH group can be replaced by 
other groups. The resulting compounds are called acid derivatives. 
Only two types of acid derivatives, esters and amides, will be 
considered. 

Compounds in which the —OH of an acid is transformed into —OR 
(such as — OCH3) are called esters. They can be prepared by the 
direct reaction between an alcohol and the acid. For example, 


\ 

^C-CH3 

CH3O-+I + H-O 
methyl , acetic 

alcohol acid 


^C~CH3 

H3C-O 

methyl 

acetate 


+ H2O 


+ water 


Esters are important substances. The esters of low molar mass 
have fragrant, fruitlike odors and are used in perfumes and artificial 
flavorings. Esters are useful solvents. This is the reason they are 
commonly found in '^rnodel airplane dope" and fingernail polish 
remover. 


EXERCISE 18-6 

Write equations for the reaction of (a) ethanol and formic acid ; 
(b) propanol and. propionic acid; (c) methanol and formic acid. 
Name the esters produced. 


Carbon dioxide + water 
FIGURE 18-4 

# Successive stages in the oxidation of an 
alcohol of general formeia 


Another class of acid derivatives has been given the name amides. 
Amides are formed when the —OH group of an acid is replaced by 
an — NH 2 group. An amide can be made by reacting ammonia or 
an amine with an ester. 


H 

R— c— R' 

I 

OH 


CHjC + HnHj — ► CH 3 C + CH 3 OH 

O-CH 3 

methyl acetamide 

acetate 


,0 H 0 

/ \ / 

CHjC^ + ^N-CH2CH3~> CHsC^ 

O-CHs H ^N-CH2CH3 


+ CH 3 OH 


methyl 


ethyiamine 


. H 
ethyl 

acetamide 



Note the similarity of the two reactions. Amides are of special im- 
portance because the amide grouping 
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\ 

H- 

\ 

H 

is the basic structural element In the long-chain rrrolecules that make 
up proteins and enzymes in living matter. Hydrogen bonding 
between two amide groups helps determine the protein structure, 
a topic that will be dealt with later, in Section 18-12. 

18-6 Benzene and its Derivatives 

There is another Important class of hydrocarbons, sometimes referred 
to as aromatic hydrocarbons. The simplest example is the compound 
benzene, a cyclic compound with the formula C 4 H 4 and with six 
carbon atoms in a ring. The benzene ring is found to be planar with 
120 ^ angles between each pair of bonds formed by a given carbon 
atom. Experiment tells us the atoms of one molecule lie in a plane, 
with a regular arrangement. 

H 

H c « 

C C 

c c 

H ^ H 

H 


We can easily decide how the carbon and hydrogen pairs are con- 
nected. The carbon- hydrogen distance is 1.08 A, in good agree- 
ment with the carbon-hydrogen distance found for hydrocarbons. 
We can conclude that there is a single bond between each carbon 
and its neighboring hydrogen. 


C C 


The carbon-carbon bonding gives more trouble. Some experi- 
mental data shows the problem. Some values of the carbon-carbon 
distance in various compounds are 

C— C in ethane 1.54 A known single bond 

C?C in benzene 1.40 

C=C in ethylene 1.33 known double bond 
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The bond distances show that the benzene carbon-carbon bonds 
are intermediate to single and double bonds. The chemical behavior 
of the compounds in the list leads to the same conclusion. Benzene 
is more reactive than ethane. It reacts to a lesser degree, and in a 
different way, than ethylene does. In addition, all six carbon-carbon 
connections are found to be the same; in length and chemical 
behavior. 

Several symbols have been used to show the intermediate character 
of the carbon-carbon bonding in benzene. We will use one that is 
consistent with current bonding theories. Benzene will be symbolized 



H 


The straight line between carbon symbols plus the circle remind us 
that the bond is something more than a single C— C bond but different 
from a double C==C bond. 

18-7 Benzene and Aromatic Compounds 

Benzene is an unsaturated compound, but it does not behave in 
the same way that ethylene does, it does not add Br2 but substitutes 
a bromine atom for one hydrogen. 

» 



H ^ H 


- bromobenzene 

In this reaction, called bromination, one of the hydrogen atoms has 
been replaced by a bromine atom. Notice that the ring structure is 
not affected. This is not an addition reaction. Nitric acid causes 
a similar reaction, called nitration : 



nitric 

acid 


nitrobenzene 
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These reactions are called substitution reactions. The substitution 
reaction is the characteristic reaction of benzene and its derivativei 
and Is the way in which a multitude of compounds are prepared by 
the organic chemist. Benzene and its derivatives are comnrionly 
called aromatic compounds. 

Another important set of reactions involves modification of func- 
tional groups attached to the benzene ring. We will illustrate with 
nitrobenzene, one of the most important derivatives of benzerte. 
The nitro group is — NO2. Nitrobenzene is important chiefly because 
it can be readily reduced to an aromatic amine, aniline. One pro- 
cedure uses zinc as the reducing agent. 


0 /NO2 

4-6H^ 

nitrobenzene 



aniline 


Aniline and other aromatic amines are valuable IrKiustrial raw 
materials. They serve as the starting point for the synthesis of many 
dyes and drugs. For example, you have used the irKlicator, methyl 
orange, in your laboratory experiments. Methyl orange is an example 
of a dye derived from aniline. The structure of methyl orange is as 
follows : 



methyl orange 


The portions of the methyl orange molecule set off by the broken 
lines come from aromatic amines like aniline. Aniline is indeed 
the starting material from which methyl orange and related dyes 
are made. 

Another aniline derivative is acetanilide, which is the amide 
formed from aniline and acetic acid. Acetanilide is used medicinally 
as a pain-killing drug. 


/ \ 

cHjC + yi 

OH H 

acetic + aniline 
acid 



\ 


Another important compound that can be obtained from coal tar 
is hydroxybenzene, more commonly called phenol. 
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OH 



Most phenol is now made industrially from benzene, which is 
chlorinated as a first step. Reaction of chlorobenzene with base 
gives phenol : 



Phenol is a germicide and disinfectant. It was first used by Lister 
in 1867 as an antiseptic in medicine. More effective and less 
toxic antiseptics have since been discovered. 

Perhaps the most widely known compound prepared from phenol 
is aspirin. If phenol, sodium hydroxide, and carbon dioxide are 
heated together under pressure, the sodium salt of salicylic acid 
is formed. 



This salt reacts with acid to give salicylic acid. 



salicylic acid 


Salicylic acid is quite useful. Its methyl ester has a sharp, character- 
istic odor and is called “oil of wintergreen,“ The acid itself (or the 
sodium salt) is a valuable drug In the treatment of arthritis. But 
the most widely known derivative of salicylic acid is aspirin, which 
has the following structu re : 


/ 


.0-C 


\ 


CH, 


aspirin 


COOH 



You will see, by examining this structure, that aspirin is an ester of 
acetic acid, ^pirin is mankind's most widely used drug. Somewhat 
over 20 million pounds of aspirin are manufactured each year in 
the United States alone! This amounts to something like 150 five- 
grain tablets for every person in the country* Figure 18-5 shows 
a portion of the process. 



FIGURE 18-5 

Part of 8 modem aspirin plant 
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Benzene derivatives account for thousands of the known carbon- 
containing compounds. A few of them are listed in Table 18-1. 

18-8 Polymers 

The melting temperatures of the normal alkanes tend to increase as 
the number of carbon atoms in the chain is increased. Ethane, 
is a gas under normal conditions; octane, CgHig, is a liquid ;octa- 
decane, C^gHgg, is a solid. Desired physical properties can be obtained 
by controlling the length of the chain. Functional groups attached 
to the chain provide additional variability, including chemical reac- 
tivity. In fact, by adjusting the chain length and composition of 
compounds with high molar mass, chemists have produced a multi- 
tude of organic solid substances called plastics. These have been 
tailored for a wide variety of uses, giving rise to an enormous 
chemical industry. 

The key to this chemical treasure chest is the process by which 
extended chains of atoms are formed. Inevitably It is necessary to 
begin with relatively small chemical molecules— with carbon chains 
involving only a few atoms. These small units, called monomers, 
must be bonded together, time after time, until the appropriate 
chain length 1s reached. Often the desired properties are obtained 
only with giant molecules, each containing hundreds or even 
thousands of monomers. These giant molecules are called polymers 
and the process by which they are formed is called polymerization. 

Polymerization involves the chemical combination of many 
molecules to form a substance of high molar mass. Reactions that 



368 


TABLE 18-1 

Structures and Uses of Some Benzene Derivatives 


Structure 


Name 


Use 



vanillin flavoring material 





0*1 


trinitrotoluene, 

TNT 


explosive 



369 


combine many small molecules are referred to as addition polymer- 
ization or condensation polymerization. 

Addition polymers are formed by the reaction of monomenc 
units without the elimination of atoms. The monomer is usually an 
unsaturated organic molecule such as ethylene, In the 

presence of a suitable catalyst, ethylene undergoes an addition 
reaction to form a long chain molecule, polyethylene. A general 
equation for the first stage of such a process can be written : 

\ / \ / I 7 *1 

-j- — ► H — C — 

H H H H H H H 

The same addition process continues and the final product is the 
polymer, polyethylene: 


j. 

I 

H 


f ^ 

H 




in which a? is a very large number. 

One or more of the hydrogen atoms in ethylene can be replaced 
by groups such as — F, —Cl, — CHg, or — COOCH3. The synthetic 
polymers with trade names such as Teflon, D Saran, Lucite, and 
Plexiglas result It is possible to create molecules with custom-built 
properties for various uses as plastics or fibers. 

The second major class of polymers, condensation polymers, 
is produced by reactions in which monomers join and a simple 
molecule such as water is eliminated. In order to form long chain 
molecules, two or more functional groups must be present in each of 
the reacting units. For e)^ample, when ethylene glycol, HOCH2CH2OH, 


reacts with pa/aphthalic acid, HOOC— < 


■COOH, a polyester 


of high molar mass called Dacron is produced. The equation below 
shows the first stages of this process : 




18-9 Nylon, a Polymeric Amide 

Nylon, the material widely used in plastics and fabrics, is a con- 
densation polymer. It consists of molecules with extremely long 
chains. The reaction by which monomer units become bonded 
together Is by amide formation between reactants with two func- 
tional groups. Polyamides can be made from one compound with 
two acid groups, adipic acid 

HOOC— CHj— CHj— CHj— CHj— COOH 
or H00C-(CH2) -COOH 

and another with two amine groups, 1,6-diaminoh6xane 

HjN-CHj-'CHj-CHj-CHj— CHj-CHj-N Hj 
or H 2 N-(CH 2 )a-NH 2 

These molecules can react repeatedly, each time water is removed. 
Reaction of three amine and three acid molecules gives 

\ / \ / 

C-(CH2)4-C . ^C-(CH2)4“C^ 

H~0 I|J-(CH2)6-/ ^I|J-(CH2)6~I||"^ 

H H H H H H 

A usable Nylon molecule would contain hundreds of these monomers. 
The linear structure of this molecule is the characteristic needed to 
produce a fiber. 

BIOCHEMISTRY 

Living organisms— bacteria, fungi, mosses, algae, plants, animals— 
are highly organized systems of chemical compouixis. All organisms 
derive the energy for their activities, and produce the substances of 
which they are built, by means of chemical reactions. 

A century and a half ago men regarded the chemistry of living 
organisms as something quite distinct from the chemistry of rocks, 
minerals, and other nonliving things. Indeed, there was in their 
minds at that time the inclination to believe that living things were 
imbued with some mysterious "vital force" that was beyond the power 
of men to define and understand. 

As time went on, it became apparent that the mystery in the 
chemistry of living things was due to ignorance of the details of 
what went on. With an increased understanding of chemical prin- 
ciples, the mystery gradually began to disappear. Compounds that 
were earlier known only as the products of plants and animals were 
produced in the laboratory from inorganic substances. By the 
middle of the nineteenth century the superstitious belief in a chemical 
"vital force" had disappeared, and now there are few chemists who 
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^C-(CH2)4-C 
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Deiieve that the chemistry of living organisms is beyond the power 
of men to understand. We still, however, mark off a large area of 
chemical study by the term "biochemistry.** Biochemists are 
chiefly concerned with the chemical processes that go on in living 
organisms. These scientists must use information from all branches 
of chemistry to answer the questions they ask. Their questions are 
usually something like, "What kind of molecules make up living 
systems?" or "How does a living system produce the energy it 
needs?" 

Three classes of compounds that have great importance in bio- 
chemistry will be considered. Sugars are simple molecules which 
provide energy when they are oxidized. Cellulose and proteins are 
polymers that serve a double function, as foods and as structural 
elements in plants and animats. 


18-10 Sugars, Simple Biological Compounds 

The word "sugar" brings to mind the sweet, white, crystalline grains 
found on any dinner table. The chemist calls this substance sucrose. 
It is one of many "sugars" which are classed together because they 
have related composition and similar chemical reactions. Sugars 
are part of the larger family of carbohydrates, a name given 
because many such compounds have the empirical formula CH3O. 


EXERCISE 18-7 

Glucose, a sugar simpler than sucrose, has a molar mass of 180 g 
and empirical formula CHjO. What is its molecular formula? 


The structure of the glucose molecule was deduced by a series 
of steps somewhat like those described in Section 16-2 for ethanol. 
Glucose was found to contain one aldehyde group and five hydroxyl 
groups. 

If all the oxygen containing groups are reduced, /?-hexane results. 
This test helps establish that the glucose molecule has a chain 
structure. One representation of the structural formula of glucose, 
C^H| 20 ^, is 


C 


HOH 


CHOH 

CHOH 

CHOH 


fcHaOH 
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Another naturally occurring sugar is fructose, also It is 

\ 

an isomer of glucose. The carbon of the ^C=0 group is at the 

second position in the carbon chain instead of at the end. It is 
a ketone. 


EXERCISE 18-8 

Draw a structural formula for the fructose molecule (remember that 
fructose is an isomer of glucose). 


16 

-c-o// 



Glucose and fructose each exist as a straight chain molecule and 
as a cyclic structure. For each substance the two forms are in 
equilibrium. In solutions the latter form prevails. The equilibrium is 
shown for glucose. 


V 

1 C 


3CH 
4 CH 


2 CHOH 

!;hoh 

I ^ — 

DHOH 

5 ijjHOH 

6 CH 2 OH 

Carbon position number 



The cyclic form can be written in a simpler way as at the left. The 
hydrogen atoms attached to carbon atoms are represented by lines 
only and the symbols for the carbons in the ring are omitted. 


EXERCISE 18-9 

At equilibrium in a 0.1 M solution of glucose in water, only 1% of 
the glucose is in the straight chain form. What is K for the reaction : 
chain ring ? 


18-11 Disaccharides 

The two sugars, glucose and fructose, are monosaccharides. 
They have a single sugar unit as the molecule. Table sugar is a 
disaccharide. It has two sugar units in the molecule. Sucrose con- 
tains one molecule of glucose and one of fructose joined together. 

\ 

Fructose has a slightly different ring structure because the C=0 

/ 

group is not on the end carbon. The structure of sucrose is shown 
in Figure 18-6, 



Glucose 


Fructose 


— C -OH OH 



Sugars occur in many plants. Major commercial sources are 
sugar cane (a large, specialized grass which stores sucrose In the 
stem) and sugar beet (as much as 15% of the root is sucrose). In 
addition, fruits, some vegetables, and honey contain sugars. On 
the average every American eats almost 100 pounds of sugar per 
year. Sugar, at about 1 0 cents a pound retail, is one of the cheapest 
pure chemicals produced. 

18-12 Some Biological Polymers: Starch, Cellulose, and 
Protein 

Cellulose is an important part of woody plants, occurring in cell walls 
which make-up part of the structural material of stems and trunks. 
Cotton and flax are almost pure cellulose. Chemically, cellulose is 
a polysaccharide. It is a polymer made by successive reactions 
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600,000 grams. This polymer is quite similar to the polymers that 
were discussed in Sections 18-8 and 18-9. 

Starch is a mixture of glucose polymers, some of which are water- 
soluble, This soluble portion consists of comparatively short chains 
with molar mass near 4000 grams. The portion of low solubility 
involves much longer chains. 


EXERCISE 18-10 

The monomer unit in starch and that in cellulose each has the 
empirical formula C«H,o 05 . These units are about 6.0 A long. Approxi- 
mately how many units occur and how long are the molecules of 
cellulose and of soluble starch ? 



A striking example of the effect of structure is shown by cellulose 
and water-soluble starch. Both contain the same monomer since 
a-form hydrolysis gives only glucose in each case. But the glucose ring 
differs slightly in the arrangement of the OH groups. This results in 
two different polymers. The ring structure of glucose can be rep- 
resented In an even more simplified form. Only the two hydroxyl 
groups that take part in polymerization are shown. 

Mom There is another isomer of glucose identical except for the geo- 
metry of the OH group on the right in the drawing. 

Starch is the polymer formed when a large number of glucose 
molecules with the a-form react. 


OOO-OOO- 


Starch 

On the other hand, a chain of the Mom of glucose gives the polymer 
called cellulose: 




Cellulose 


The different geometry in starch and cellulose causes these two 
polymers to have different chemical properties. 

A most Important class of compounds is that of proteins, the 
essential structure of all living matter. Man needs protein in his 
diet as a source of amino acids. From these acids the body syn- 
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thesizes different types of proteins, which are used to build various 
parts of the body. 

Proteins are polyamides that are formed by the polymerization, 
through amide linkages, of a-amino acids. Three important a-amino 
acids are shown in Figure 18-7. Each acid has an amine group, 



FIGURE 18-7 

Structures of some a-amino acids. 


—NHa, attached to the a-carbon, the carbon atom immediately 
adjacent to the carboxylic acid group. The protein molecule may 
involve hundreds of such amino acid molecules connected through 
the amide linkages. A portion of this chain is represented as shown 
in Figure 18-8. 

X-ray diffraction studies have led to the recognition of a coiled 
form of the chain in natural proteins. This form has a great deal 



FIGURE 18-8 

A portion of an amide chain in 
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HeURE 18-9 

The cdled form of a protein. 


of regularity. It is not at all a random shape. Order is not achieved 
without some energy to maintain it and this comes mainly from the 
formation of hydrogen bonds; those holding the white atoms in 
Figure 18-9. The hydrogen bonds can be broken by heating or by 
putting the protein in alcohol. The order disappears and the coiled 
form loses its shape. Often this damage cannot be repaired and the 
coil is permanently deformed. Cooking an egg destroys the coiled 
form of the proteins it contains. A few moments of thought con- 
cerning the profound differences between the physical form and 
between the chemical potentialities of an egg before and after it is 
cooked will suggest the very great importance of molecular structure 
in biochemistry. 

18-13 Enzymes 

Proteins act as catalysts for many of the reactions that take place 
in our bodies. The name enzymes has been given to these catalytic 
protein molecules. Usually enzyme molecules are very large, with 
a molar mass of about 100,000 grams being average. Compared 
with most chemicals that you have studied, these are enormous 
molecules. There are some important biochemical molecules that 
are considerably larger. The molar mass of hemoglobin in your red 
blood cells is about 500,000 grams, and some plant viruses have 
molar masses as high as 40,000,000 grams ! 

An enzyme molecule causes its catalytic action by forming weak 
bonds to a smaller molecule, called the substrate. In the form 
produced by this combination, the substrate molecule reacts faster 
than it would without the enzyme present. In 1966 the detailed 
structure of an enzyme, lysozyme, was determined for the first 
time. This enzyme increases the rate at which polysaccharides in 
bacterial walls are broken into smaller units. 

Lysozyme is a chain of 1 29 amino acids. Portions of the poly- 
amide chain are coiled as in Figure 1 8-9 while other portions are 
not coiled. The molecule as a whole has-1940 atoms and is about 
40 A wide in its largest dimension. Each lysozyme molecule has 
a shape somewhat like a cupped hand. A slot or valley in the 
molecule is the site that can hold the polysaccharide molecule. 
The shape of the valley and placement of the functional groups in 
It mean that only certain molecules can fit. These are the ones 
whose reactions are catalyzed by the enzyme. Again, molecular 
structure has a vital part in chemical behavior. 


18-14 Energy Sources in Nature 

Man and other animals use energy continuously, to maintain body 
temperature and for muscular activities such as breathing and moving 
around. The chief source of the needed energy is the oxidation 
of carbon compounds to CO 2 . We can Illustrate the process with 
sugar, one of the most important foods of animals. Man eats sugar 
either directly or as starch, the polymeric form in which sugar is 


stored in many plants, such as the potato. Cellulose, although a 
glucose polymer, is not useful to humans because our digestive 
systems cannot break the large molecules into glucose fast enough. 

The process by which glucose is oxidized to yield COj, HjO, and 
energy Is very complex. We shall present only the major points 
and skip over numerous details. First, consider three major steps. 

Glucose is converted to pyruvic acid. 

Pyruvic acid is changed to acetic acid. 

Acetic acid is oxidized to carbon dioxide, water, and 
energy. 

We can picture the series of reactions in the following, much simpli- 
fied manner. 


H 



CHOH 

CHOH 

CHOH 

CHOH 

CHjOH 


CH2OH 


is 

C=0 

(!:hoh 

and 

CHjOH 

CHOH 

which reacts 


“CH 2 OH” 

CHOH 

converted 

1 

broken 

2 1 

with water 

2 

to 

CHOH 

down 


to give 


CHOH 


i 

CHOH 

CHjOH 

into 

^0 


Uh J 


glucose 

(C6Hn06) 


fructose glyceraldehyde 

(C,HuO,) 


an intermediate 


’CHjOH" 

CHOH 

|hoh 


reacts with 
an enzyme 
to produce 


HjC-fOHi 

1 1 1 


QHj 

which then 

r 

HOC-tH 

loses a 

C-OH 

1 

water molecule 

I 

/\ 

to give 

/\ 

HO 0 


HO 0 


followed by 
rearrangement 
into 


glyceric acid 


Throughout this stage there has been no oxidation, just addition 
and loss of water plus several rearrangements of the bonds. The 
energy needed by the human body does not come from these 
reactions. 

The second major step begins the use of oxygen. 


(j>=0 

/\ 

HO 0 


+ V 2 O 2 ^ CH3 c 


/ 


\ 


OH 
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pyruvic acid 


+ CO 2 



The acetic acid then enters a cycle of reactions to carry out the third 
major step. The cycle is shown in Figure 18-10. To oxidize each 
molecule of acetic acid this cycle uses two molecules of oxygen 
and produces two molecules of COj and two of water. A great 
deal of energy comes from these reactions. 


FIGURE 18-10 The cycle by which acetic acid provides energy. 


HO-CHCOOH 


HO-C-COOH 


■-j 


^C-COOH 


CHfiOOH 
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Questions and Problems for Chapter 18 


How much ethanol can be made from 50 grams of 
ethyl bromide? What assumptions do you make in 
answering this question ? 

2 

Give the empirical formula, the molecular formula, and 
draw the structural formulas of the isomers of butene. 
This hydrocarbon contains four carbon atoms and one 
double bond. 

3 

Ethane, CjH^, reacts with chlorine to substitute first 
one chlorine for hydrogen, then two, and so on until 
C2CI4 is formed. How many different ethane deriva- 
tives form in this series of reactions ? 

4 

Write the balanced equation for the production of 
pentanone from pentanol, using dichromate ion as the 
oxidizing agent. 


8 

An aqueous solution containing 0.10 mole/liter of 
chloroacetic acid, CIH^CCOOH, is tested with Indi- 
cators and the concentration of H'^iaq) is found to 
be 1.2 X 10""^ Calculate the value of (if 
necessa^, refer back to Section 14-8). Compare this 
value with for acetic acid — ^the change is caused 
by the substitution of a halogen atom near a caiboxylic 
acid group. 

9 

Give simple structural formulas of 

(a) an alcohol, 

(b) an aldehyde, and 

(c) an acid, 

each derived from methane ; from ethane; from butane; 
from octane. 

10 

Write the equations for the preparation of methylamine 
from methyl iodide. 


5 

Knowing the possible oxidation products of ethanol 
and 2-propanol, predict the oxidation products of : 


MM . Mil 

-C-C-C-C-OH -C-C-C-C- 
' OH 

I 

l“f I 

T?T 

OH ' 


6 

One mole of an organic compound is found to react 
with V2 mole of oxygen to produce an acid. To what 
class of compounds does this starting material belong ? 


11 

Show a two stage synthesis for the formation d 
butylamine starting with n-butyl alcohol, HI and HH3, 

12 

Write equations using structural formulas and name 
the products for the reaction of acetic acid with 

(a) ethyl alcohol 

(b) ethylamine 

(c) /sopropylamine 

13 

Write equations to show the formation of the 
methyl butyrate and butyl propionate. 

14 

Given the structural formula 


7 

Using the information given in Table 11-2, determine 
the reaction heat per mole of C2H6(g) for the complete 
combustion of ethane. 


? n I u 

H H H H 
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for an ester, write the formula of the acid and the 
alcohol from which it might be made. 


15 

In the preparation of methyl acetate, the yield of ester 
is rather low at equilibrium. What can be done to 
increase the yield? Study the equation and apply 
Le Chatelier's Principle. 

methyl acetic ^ methyl 

alcohol acid acetate 


16 

How much acetamide can be made from 3.1 grams of 
methyl acetate ? See equation on page 362. Assume 
the ester is completely converted. 

Answer. 2.5 grams acetamide. 


17 

An ester is formed by the reaction between an acid, 
RCOOH, and an alcohol, R'OH, to form an ester 
RCOOR' and water. The reaction is carried out in an 
inert solvent. 

(a) Write the equilibrium relation among the con- 
centrations, including the concentration of the 
product water. 

(b) Calculate the equilibrium concentration of the 
ester if = 10 and the concentrations at equilib- 
rium of the other constituents are: 

[RCOOH] = 0.1 M] 

[R'OH] - 0.1 M; 

[HjO] - 1.0M. 

(c) Repeat the calculation of part b if the equilibrium 
concentrations are : 

[RCOOH] - 0.3 M; 

[R'OH] = 0.3 M; 

[HjO] = l.OM. 


18 

There ar^tf^ isorpers of dichlorobenzene (empirical 
formula C 3 H 2 Cf). Draw the structural formulas ^of the 
isomers. 


IS 


Consider the compound phenol, 

(a) Predict the angle formed by the nuclei C, 0, H. 
Explain your choice in terms of the orbitals used 
by oxygen in its bonds. 

(b) Predict qualitatively the boiling temperature of 
phenol. (The boiling temperature of benzene is 
80®C.) Explain your answer. 

(c) Write an equation for the reaction of phenol as a 
proton donor in water. 

(d) In a 1.0 M aqueous solution of phenol, [H"^] = 
1.1 X 10’^. Calculate 


20 

Work out a possible structural formula for the polymer 
of 1,3-butadiene, 



\ I I / 

^C«C— C=C^ 


21 

Lucite is an addition polymer of methylmethacrylate, 
shown below 


CH 0 




/ 


\ I 


Draw a portion of the Lucite structure. 


22 

What types of bonds would you expect to bind the 
very long polyethylene molecules to each other? 
The long Nylon molecules to each other? Which 
polymer would you expect to melt at the lower 
temperature? 



23 


24 
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Dacron is a polyester made in a way similar to Nylon. 
The structure is 


What alcohol is used in making Dacron ? 


Nylon and Dacron are made from monomere con- 
taining two functional groups per molecule. What 
type of polymers might result » a monomer had three 
or more functional groups? 

25 

Account for the fact that starch, a glucose polymer, is 
readily assimilated as food by humans but celluloee, 
also a glucose polymer, is not. 



The Halogens 



On many occasions in this book you have encountered the halo- 
gens and their compounds, both in your laboratory program and in 
class discussions. Some of the most Important and most useful sub- 
stances are derived from the elements fluorine, chlorine, bromine, 
and iodine. Element 85, astatine, is a member of the halogen family, 
but it is so rare that it will not be included in our discussion. Perhaps 
better than any other group of elements, the halogens show remark- 
able similarities and trends in chemical behavior. 

In the nineteenth century chemists studied the halogens and 
wondered about these striking similarities. This family of elements 
provided many important clues to the periodic relations among the 
elements. Later, with an understanding of atomic structure, the 
long-sought explanation for periodic properties was obtained. Today 
it is easy for us to correlate a large body of experimental information 
with the electron populations of the elements. The trends within a 
family such as the halogens can be understood in terms of the increase 
in nuclear charge, number of electrons, and atomic size in going 
from fluorine to iodine. With alt the information available today we 
sometimes forget that observations of chemical systems came first 
and that explanation came second. 

The halogens are very reactive elements. Under normal conditions 
they exist as diatomic molecules in which the atoms are held 
together with covalent bonds. Fluorine and chlorine are gases at 
room temperature. Bromine is a liquid Iodine is a solid with suffi- 
cient vapor pressure that a thin layer of crystals left out overnight 
will sublime away by morning. Halogen molecules absorb light in 
the visible region of the spectrum, and consequently the halogens 
are colored substances. Fluorine is light yellow, chlorine is yellowish- 
green, bromine is reddish-brown, and crystalline iodine is black (in 
the gas phase, iodine is purple). In their elementary state, the 
halogens are toxic and dangerous substances. Fluorine is the most 
hazardous. The danger decreases as the atomic number of the 
halogen increases. Nevertheless, even iodine, \ 2 , should be handled 
with care. However, the halogens form part of many compounds 
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that are quite safe to handle. A fluorocarbon, dichlorodifiuoro- 
methane (CCl 2 F 2 )i is used widely as a refrigerant and as the gas in 
aerosol cans. 


19-1 Preparation and Properties of the Elements 

The halogens are so reactive that they do not occur uncombined in 
nature. They must be made from halogen-containing compounds. 
Electrolytic oxidation is used to prepare fluorine and chlorine. 
Chlorine, for example, is made by electrolysis of molten sodium 
chloride. Figure 9-1 shows the components of the electrolysis 
cell. Molten sodium is produced at the cathode, and chlorine gas 
is collected at the anode. 


6 - 


Battery 




FIGURE 1S-1 

Production of CI2 by elecAroiysis of w 
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Gaseous fluorine is prepared by electrolysis of molten KHF 2 , using 
a copper vessel. Copper like most metals is attacked by fluorine. 
However, a layer of copper(ll) fluoride forms, protecting the metal 
from rapid corrosion. 

Chemical oxidation, usually with chlorine as the oxidizing agent, 
provides bromine and iodine economically because chlorine is a 
relatively inexpensive chemical. Most of the bromine in the United 
States comes from seawater, which contains about 0.005 weight 
percent of bromide ion. Iodine can be obtained from salt brines by 
oxidation of the iodides with chlorine. 

The properties of the halogens are summarized in Table 19-1. 

TABLE 19-1 

Comparison of the Halogens 


Property 

F 

Cl 

Br 

1 

Melting temperature, ®C 

-223 

-102 

-7.3 

113 

Boiling temperature, ®C 

-188 

-35 

58 

183 

Color of gas 

Light 

yellow 

Yellowish- 

green 

Reddish- 

brown 

Purple 

Valence electrons 

2sV 


4sV 

5s^5p^ 

lonicradiusofX", A 

1.36 

1.81 

1.95 

2.16 

van der Waals radius of X in Xj, A 

1.35 

1.80 

1.95 

2.16 

Covalent radius of X in Xj, A 

0.72 

0.99 

1.14 

1.33 

f® in volts for 

2X-— >X2-F2e- 

-2.87 

-1.36 

-1.06 

-0.53 

Ionization energy for 
atomX,kcal/mole 
X(g)-^X+(g)4-e- 

401.5 

300 

273 

241 

lonization energy for 
ion X" kcal/mole 
X”(g)->X(g)+e- 

81 

86 

80 

73 

Bond dissociation 
energy, kcal/mole 
X2(g)“->2X(g) 

37.8 

58.0 

46.2 

36.1 


The first four properties listed in Table 19-1 have been discussed 
several times in earlier sections of this book. The remaining proper- 
ties illustrate trends within a family of elements. The significance 
of the three kinds of radii will be outlined first. 

19-2 The Sizes of Halogen Atoms and Ions 

The size" assigned to an atom or ion requires a decision about 
where an atom "stops." According to the quantum mechanical 
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model an atom has no sharp boundaries or surfaces. However, 
chemists find it convenient to assign sizes to atoms according to 
the observed distances between atoms. Atomic size is defined 
operationally. It is determined by measuring the distance between 
atoms. 

For example, Figure 19-2 contrasts the dimensions assigned to 
the halogens in the elementary state. One-half the measured 
internuclear distance is sailed the covalent radius. This distance 
indicates how close a halogen atom approaches another atom to 
which it is bonded. To atoms with which It is not bonded, a halogen 
atom seems to be larger. One- half the average distance between 
neighboring molecules in the solid state defines the van der Waals 
radius shown by the lines in Figure 19-2. This radius indicates 
how closely nonbonded atoms approach. 



FIGURE 1 9-2 Covalent and van der Waals radii of the halogens. 

Covalent radii aid in explaining and predicting bond lengths in 
other covalent halogen compounds. For example, when a chlorine 
■ atom is bonded to a carbon atom (as in carbon tetrachloride), it 
seems reasonable to expect the C—CI bond length to be the sum 
of the covalent radii of the two elements, carbon and chlorine. From 
the diamond structure, the covalent radius for carbon is 0.77 A. 
Combining this value with 0.99 A, the covalent radius of chlorine, 
leads to a calculated C— Cl bond length of 1.76 A. Experiment 
shows that each bond in CCU is 1 .77 A. 


EXERCISE 19-1 

Use the carbon atom covalent radius 0.77 A and the covalent radii 
given in Figure 19-2 to predict C— X bond length in each of the 
following molecules: CF 4 , CBr^, CI 4 . Compare your values with 
the experimental ones: 


C-F inCF 4 « 1.32 A 
C— -Br in CBr 4 = 1.94 A 

C--1 inCU -2.1 5 A 
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f- cr Br r AHradUmA 

FIGURE 19-3 
Ionic radii of the halogens. 


Figure 1 9-3 contrasts the sizes of the halide ions. Each of these 
dimensions is obtained from the examination of crystal structures 
of many halide salts. The size found for a given halide ion is called 
its ionic radius. These radii are larger than the covalent radii but 
close to the van der Waals radii of neutral atoms. 

The covalent van der Waals, and ionic radii are presented in 
Table 19-1 . We see some interesting trends. For each type of radius 
there is a gradual Increase from fluorine to iodine. The increase in 
size reflects the fact that as atomic number rises, higher energy 
levels are used to accommodate the electrons. In addition. Table 1 9-1 
shows a trend of increasing melting and boiling temperatures from 
fluorine to iodine. This trend is appropriate for a series of molecular 
solids in which van der Waals forces are the principal forces holding 
the molecules in their positions in the crystal. 

19-3 The Oxidation- Reduction Properties of the Halogens 

Most vf the reactions of the halogens are oxidation-reduction 
reactions. The oxidizing abilities of the halogens vary in a regular 
manner, fluorine being the strongest and iodine the weakest. The 


equations and P values for the half-reactions are : 

2r ->li +2e- 

- -0.53 volt 

2Br"— »-Br 2 + 2e“ 

£" - -1.07 volts 

2 Cr— J-Cl 2 + 2 e- 

£® = -1.36 volts 

2F~ ->Fj +2e~ 

£* « -2.87 volts 


How can this trend in £° values and oxidizing powers be explained ? 
It is often helpful to consider a series of simple, hypothetical steps 
whose sum is the equation for the half-reaction. For example : 


2 r{aq) 

->2r{g) 

Dehydration 

2 r{g) 

— ►21(g) + 2 e" 

Electron removal from I" 

21(g) 

-►ij(g) 

Molecule formation 

ijtg) 

-^lj(s) 

Condensation 

2 l“(aq) 

-►l2(s) +2e- 

Overall reaction 


The energy requirements for these steps are presented in Table 1 9-2. 


TABLE 19-2 

AH Values for Some Halogen Reactions at 25°C 




A//,kcat/mole 


Reaction 

F 

Cl 

Br 

1 

Dehydration 

2 X"(aq)-^ 2 X”(g) 

246 

178 

162 

144 

Electron removal from X“ 
2X-(g)->2X(g) +2e- 

162 

171 

161 

146 

Molecule formation 
2X(g)->X2(g) 

-37 

-58 

-46 

-36 

Condensation 

X 2 (g) — ^ X 2 (normal state) 

-1.6 

(g) 

-4.4 

(g) 

-7 

(/) 

-10 

(s) 

Overall reaction 

2X"(aq)— >X 2 4-2e- 

369 

287 

270 

244 

Compare the AH values derived above with the data given below. 

P, volts, overall reaction 

-2.87 

-1.36 

-1,07 

-0.53 


The energy effects for the overall reactions can be discussed in 
terms of the energy effects in the various steps. The large positive 
values for AH indicate that the reactions are endothermic. The 
trend in AH values for the overall reaction is roughly comparable 
to the trend in E° values. The half- reaction having the most negative 
£“ is the one that requires the most energy and shows the greatest 
tendency to favor reactants at equilibrium. 

Notice that in Table 19-2 dehydration and electron removal of 
the ions are the steps that require the largest energy changes. For 
fluorine, dehydration is the major factor determining the overall 
energy of the half-reaction. The small ionic radius for fluoride ion 
suggests that there would be strong interaction between the negative 
Ions and the electric dipole of the solvent, water. This explains why 
Fj is a much stronger oxidizing agent than the other halogens. 

The halogens are reactive even without water and react quite 
vigorously with most of the metals to produce simple halide salts. 
Here are a few examples : 

2Na-HBr2— ►2NaBr 
Mg -f Fj — > MgFj 
2Fe-i-3Cl2-^2FeCl3 



388 



19-4 Positive Oxidation States of the Halogens: The 
Oxyaclds 

With the exception of fluorine, the halogens can be oxidized to 
positive oxidation states. Most frequently, positive oxidation states 
are encountered in a set of compounds called "halogen oxyacids" 
and their ions. 

Compounds of the type HCIO3 and HCIO^ are examples of the 
oxyacids. Chlorine forms a series of acids In which the halogen 
oxidation number can be +1, +3, +5, or +7. For chlorine the series 
is: 


Chhtous acid HOCIO 

{HCIO2) 



Chloric acid HOCIO2 



Perchhrh acid HOQOz 

{HClOi} 


FIGURE 194 

Presumed structures of the chlorine oxyacids. 


HCIO 

Hypochlorous acid 

HCIO2 

Chlorous acid 

HCIO3 

Chloric acid 

HCIO4 

Perchloric acid 


Aqueous solutions of the acids have been studied to find out how 
strong they are as proton donors. One finds a regular trend : HCIO is 
a weak proton donor, HCIO2 is somewhat stronger, HCIO3 is quite 
strong, and HCIO^ is the strongest in this series. Perchloric acid, 
HCIO4, is one of the strongest acids known. 

Can the observed trend in acid strength be accounted for in 
terms of structure and bonding in the oxyacids ? Figure 1 9-4 shows 
the positions of the atoms in these molecules. It is evident that in 
each case a hydrogen-oxygen bond must be broken in order to 
split off the proton. A regular decrease in the strength of the 
hydrogen-oxygen bond from chlorous to perchloric acid would 
explain the trend in acidity. Can a variation in the strength of this 
bond be explained ? The oxidation number of chlorine is changing 
from +1 to +3 to -1-5 to -1-7 in these compounds. More to the point 
there is an increasing number of oxygen atoms bonded to the central 
chlorine. Each time an additional oxygen bonds to the chlorine atom, 
some electric charge is drawn off the chlorine and away from the 
original 0— Cl bond. This in turn draws electrons from the adjacent 
H— 0 bond and thereby weakens it. 

This increase in acid strength with oxidation number is a general 
phenomenon. For example, in nitric acid, HNO3, nitrogen has the 
oxidation number -1-5. Nitric acid Is a stronger acid than nitrous 
acid, HNO2, with oxidation number -i-3 for nitrogen. Sulfuric acid, 
H2SO4, with oxidation number -|-6 for sulfur, is a stronger acid than 
sulfurous acid, H2SO3, where sulfur has the oxidation number 4-4. 
A useful explanation is found. When an oxygen atom is added to 
the central atom, 0— -H bonds in the molecule are weakened. 


1 9-5 The Importance of the Halogens and Their Compounds 

There are many ways in which the halogens and their compounds 
are important. Table 19-3 summarizes a few examples. 



TABLE 19-3 

Major Uses for the Halogens 

Halogen 

Used to Prepare 

Fluorine 

Plastics such as Teflon. 

Catalysts in some petroleum processes. 

SnFj for fluoride toothpastes. 

NaF, an insecticide. 

Chlorine 

Br2 and I2. 

HCI, an important acid. 

CaOCl2 for bleaching and disinfecting. 
Chlorates and perchlorates for matches, 
fireworks, explosives. 

Bromine 

C2H^Br2, an important gasoline additive 
(to remove Pb produced from tetraethyl 
lead). 

AgBr for photographic emulsions. 

Iodine 

Disinfectants. 

Dyes and other organic compounds. 

Agl for photographic emulsions. 

Iodized salt, to prevent and cure goiter 
and other thyroid disorders. 


19-6 Photography 

One of the major uses of the halogens, particularly bromine, is in 
photographic emulsions. The silver salts of the halogens are light- 
sensitive. They decompose to form metallic silver and the free 
halogen when exposed to light. Black-and-white photography is 
based on this property of the silver halides. A photographic film is 
a sheet of transparent plastic covered with a thin layer of gelatin. 
Very fine crystals of AgBr are suspended in the gelatin. The process 
of changing unexposed film into a finished print can be outlined 
in four steps, 

Exposure. V\^hen the film is exposed by opening the camera 
shutter, an image Is produced in the film by light reflected from the 
object being photographed. The whiter the object, the larger is the 
amount of reflected light. Crystals of AgBr, in the areas where light 
strikes the film, are sensitized by some process not yet well under- 
stood. Sometimes the words "latent" or "hidden" image are used 
to describe the film at this stage. In a darkroom, using red light that 
does not affect the film, this image is not visible. 

Development The film is developed by placing it in a solution 
that contains a weak reducing agent such as hydroquinone. The 
sensitized AgBr crystals react at a much faster rate than do AgBr 
crystals not struck by light. The rate of this reaction is related to 
the intensity of light striking a crystal. The chemical reaction that 
takes place can be represented as 
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AgBr + reducingagent— > Ag + BC -f* oxidized products from the reducing agent 


Metallic silver forms in the emulsion. Development of the latent 
image is carefully timed to produce black, white, and gray regions 
that have the desired relative intensities. The white areas of the 
object photographed show up as dark regions of silver in the film. 
When the developing process reaches the proper stage, the film is 
removed from the developing solution and put into a ''stop bath" to 
destroy the unused reducing agent. It is then washed, and placed 
in the "fixing" solution. 

Fixation. Some AgBr crystals have been reduced to metallic 
silver. The remaining AgBr crystals must now be removed from the 
emulsion. Otherwise the entire negative will turn black when ex- 
posed to light. This is done by reaction with sodium thiosulfate, 
often called "hypo." 

AgBr + 2 SjOj’" -»■ Ag(Sj 03 ) 2 ’~ + 

The film is thoroughly washed with water and then allowed to dry. 
At this stage, the film is called the negative. The white areas of the 
object have been recorded in the emulsion as black metallic silver 
regions; the dark areas of the object appear as transparent regions 
in the emulsion because AgBr has been removed. 

Printing. A positive print is made by passing light through the 
negative onto a piece of print paper. This paper contains a layer 
of AgBr crystals, too. After exposing, developing, and fixing this 
print, one has a positive which duplicates the light and dark por- 
tions of the original object. Figure 19-5 shows schematically what 
takes place. 


FIGURE 19-5 
The steps in making a photograph. 





19-7 Special Remarks on Fluorine 

Because of the small size of the atom, fluorine is rather special in 
the halogen group. It is a very strong oxidizing agent in aqueous 
solution. One special property of fluorine is revealed when the 
properties of hydrogen fluoride are compared with the other hydro- 
gen halides. See Figure 10-6, page 186. These properties can be 
explained in terms of the strong hydrogen bonding which occurs 
because of the small size of fluorine. Also, in aqueous solution 
hydrogen fluoride, HF, is a weak acid, whereas HCI, HBr, and HI 
are strong acids. The equilibrium constant for HF is 6.7 X 10“'*; 
so hydrofluoric acid Is less than 10% ionized In a 0.1 M HF solution. 

Another unusual property of HF Is its reactivity with glass. 
Hydrofluoric acid cannot be kept in glass bottles because it reacts 
with the silica, SiOj, in glass. On the other hand, even the most 
concentrated hydrochloric acid solutions can remain indefinitely in 
glass without any evidence of a comparable reaction. Polyethyl- 
ene or wax containers are often used to store HF solutions. 
Silicon bonds more strongly to fluorine than to oxygen, and therefore 
silica dissolves in a solution of HF. The equation is 

Si02 + 6HF-^SiF/’ + 2 H 30 ^ 

In many cities in the United States, a very small amount of fluoride 
ion, F', Is added to the drinking water supply. The presence of 
fluoride ion has been shown to reduce tooth decay in children. 

The carbon-fluorine bond is a very stable bond. The strength of 
the C— F bond is comparable to the strength of the C— H bond. 
This fact has led chemists to synthesize a series of compounds 
known as fluorocarbons. These are analogous to the hydrocarbons 
and can be imagined as derived from them by substituting F atoms 
for H atoms. For example. 


w 

/A 

F F 


is the fluorocarbon analogue of ethylene. 

Polymeric fluorocarbons, such as Teflon, are being used In many 
new ways each year. They find extensive use in gaskets, valves, 
stopcocks, and fittings for handling corrosive chemicals. Teflon- 
coated cooking pans have become poplar because foods do not 
stick to these pans. In the "protective coating," fluorine atoms are 
bonded so strongly to the carbon chain of these polymer coatings 
that they show almost no tendency to react with other substances. 
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Questions and Problems for Chapter 19 


1 

Give the electron configuration for each of the trio 
F”, Ne, Na”^. How do the trios CP, At, and 
Br", Kr, Rb*^ differ from the above? 

2 

Table 19-1 contains values for the covalent radii and 
the ionic radii of the halogens. Plot both radii versus 
row number. What systematic changes are evident in 
the two curves? 

3 

Using the data* from Table 19-1, plot on one set of 
axes the melting and boiling temperatures of the halo- 
gens versus row number. 

4 

For astatine, use your graphs from Problems 2 and 3 
as a basis for a prediction of its covalent radius, ionic 
radius of the At" ion, melting and boiling temperatures. 

5 

Predict the molecular structures and bond lengths for 
SiF 4 , SiCI^, SiBr 4 , and Sil 4 , assuming the covalent 
radius of silicon is 1 .1 6 A. 

6 

Explain in terms of nuclear charge why the K'*' ion 
is smaller than the Cl" ion, though they are iso- 
electronic (they have the same number of electrons). 

7 

Can aqueous bromine, Br 2 , be used to oxidize ferrous 
ion, Fe*"^, to ferric ion, Fe^"*" (use Appendix 4) ? Can 
aqueous iodine, Ij, be used instead of bromine? 

8 

What will happen if Fj Is bubbled into 1 Af NaBr 
solution ? Justify your answer using P values. 


9 

Use P values to predict what will happen if chlorine 
is added to a 1 M solution of Br", of I". What will 
happen if Brj is added to 1 M I"? Which halogen is 
oxidized and which is reduced in each case? 


10 

Write a balanced equation for the reaction of dichro- 
mate and iodide ions in acid solution. Determine P for 
the reaction 

+ r + H+ gives Ci*+ + Ij + H^O 

Answer. P = +0.80 volt. 


11 

Balance the equation for the reaction of iodine with 
thiosulfate ion : 

I 2 + SjOs^" gives + 1" 

thiosulfate tetrathionate 

ion ion 

What is the oxidation number of sulfur in the tetra- 
thionate ion ? 


12 

How many grams of iodine can be formed from 
20.0 grams of Kl by oxidizing it with ferric chloride 
(FeCy? Determine P. 

Answer. 15.3 grams of y 


13 

Balance the equation for the reaction between SOj 
and I 2 to produce SO^^" and I" in acid solution. Cal- 
culate P. From Le Chatelier's Principle, predict the 
effect on the P in this reaction if H"^ = 10"^ Af is 
used Instead of H"^ - 1 Af. 



393 


14 

What is the oxidation number of the halogen in each of 
the following: HF, HCIOj, HiOa, BrOa”, Fj, ClOr? 

15 

Comparable half-reactions for iodine and chlorine 
are shown below. 

V 2 I 2 + 3 H 2 O — ►l03--|-6H+-|-5e~ 

£“ = -1.1 95 volts 

Va CI 2 -f- 3 HjO — ^ ClOa* 6 H+ + 5 e“ 

= -1.47 volts 

(a) Which is the stronger oxidizing agent, iodate, 
lOa”, or chlorate, ClOg' ? 

(b) Balance the equation for the reaction between 
chlorate ion and 1“ to produce I 2 and Clj. 

16 

Two half-reactions involving chlorine are 
2 Cr — ^ CI 2 + 2 e- 

= -1.36 volts 

CI 2 + 2 H 2 O — > 2 HOCI -I- 2 H+ + 2 e~ 

£* = -1.63 volts 

(a) Balance the reaction in which self-oxidation- 
reductlon of Clj occurs to produce chloride ion 
and hypochlorous acid, HOCI. 

(b) What is the oxidation number of chlorine In each 
species containing chlorine ? 


(c) What is £® for the reaction ? 

(d) Explal n, using Le Chatelier's Principle, why the self- 
oxidation-reduction reaction occurs in 1 M OH~ 
solution instead of 1 M H'*', 

17 

From each of the following sets, select the substance 
which best fits the requirement specified. 

(a) Strongest acid HOCI, HOCIO, 

HOCIO 2 

(b) Biggest atom F, Cl, Br, I 

(c) Smallest ionization energy F, Cl, Br, I 

(d) Best reducing agent F“, Cr, Br“, r 

(e) Weakest acid HF, HCl, HBr, HI 

(f) Strongest hydrogen bonding HF, HCl, HBr, HI 

18 

Describe two properties that the halogens have in 
common and give an explanation of why they have 
these properties in common. 

19 

How many grams of SiOj would react with 5.00 x 
10^ ml of 1 .00 M HF to produce SiF^? 

20 

A water solution that contains 0.1 OM HF is 8% 
dissociated. What is the value of 

Answer. 6.9 X 10“^ 
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The Fourth- Row 
Transition Elements 



In preceding chapters the chemical properties of many of the 
elements across the top of the Periodic Table and down the two 
sides have been presented. Now some of the elements In the middle 
section will be considered. These elements are often referred to as 
the transHhn elements. Chemists once believed that these elements 
behaved in a fashion intermediate between the extremes shown by 
the chemical families on the left and right sides of the Periodic 
Table. Today the term "transition element" is still a useful way to 
designate elements in the middle of the Periodic Table. 

When the elements in families such as the alkali metals or the 
halogens are compared, the similarities in chemical properties are 
very striking. The electronic designations and the ionization energies 
for these elements help explain this behavior. On the other hand, 
when the elements sodium through chlorine are compared, the 
contrasts in chemical properties are equally striking. The trends in 
acid-base and redox properties can be explained in terms of the 
great differences in electronic structure and ionization energy as 
we move horizontally across a row in the Periodic Table. 

In this chapter the first group of transition elements, scandium 
through zinc, will be examined. In Chapter 9, when the electron 
configurations for the elements were being discussed, it was pointed 
out that the regular pattern of filling s and p orbitals was interrupted 
when the 21st element, scandium, was reached. The electron 
configuration for calcium is shown in Figure 20-1. Let us examine 
the electron configurations for Sc and the next nine elements. 


20-1 Electron Configurations 

The element scandium contains one more electron than calcium. 
The 21st electron enters the lowest energy orbital that is not fully 


3 

4 

Li 

Be 

11 

12 

Na 

Mg 

19 

20 

K 

Ca 

37 

38 

Rb 

Sr 

55 

56 

Cs 

Ba 

87 

88 ‘ 

Fr 

Ra 



32 

Ge 


50 

Sn 

82 

Pb 


33 

As 


51 

Sb 

83 

Bi 


Po 


At 


2 
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occupied. Figure 20-1 shows that this is a 2d orbital. There are 
five 2d orbitals. Putting a pair of electrons in each of these orbitals 
means that ten electrons can be accommodated before the higher 
energy 4p orbitals are needed. The fourth-row transition elements 
have the electron configurations shown in Table 20-1 . In discussing 
valence electrons for the transition elements chemists Include 
d electrons whereas s and p electrons were the only ones needed 
for nontransition elements. 


TABLE 20-1 

The Electron Configurations of the Fourth- Row 
Transition Elements 


Element 

Symbol 

Atomic 
number, Z 

Argon core 

Electron Configuration 
beyond an Argon Core 
2d 4s 

Scandium 

Sc 

21 

1 s^ 2sV 3sV 

1 

2 

Titanium 

Ti 

22 


2 

2 

Vanadium 

V 

23 

Each 

3 

2 

Chromium 

Cr 

24 

fourth-row 

5 

1 

Manganese 

Mn 

25 

transition 

5 

2 

Iron 

Fe 

26 

element 

6 

2 

Cobalt 

Co 

27 

has these 

7 

2 

Nickel 

Ni 

28 

orbitals 

8 

2 

Copper 

Cu 

29 

filled. 

10 

1 

Zinc 

Zn 

30 


10 

2 


Notice that chromium (Z = 24) and copper (Z = 29) provide in- 
terruptions to the regular buildup. In chromium, the gas-phase atom 
has lower energy if one of the 4s electrons moves into the 2d set. 
This gives chromium a half-filled set of 2d orbitals and a half-filled 
4s orbital. In copper, the atom has lower energy if the 2d set is 
completely filled with ten electrons and the 4s orbital is half-filled. 





EXERCISE '^20-1 

Use Figure 20-1 to decide which orbital would be used after the 
Zd orbitals have been filled. What element has this configuration? 
In which family does this element occur? 


EXERCISE 20-2 

Use Figure 20-1 to decide what the electronic configuration for 
yttrium (Z = 39) would be. Would you expect yttrium to have 
chemical properties more like aluminum or scandium? 


20-2 Some Properties and Regularities of the Fourth- Row 
Transition Elements 

What trends in properties can be observed for the transition elements, 
scandium through zinc? What kinds of compounds do they form? 
How can their properties be related to the electron configurations 
of these elements ? 

All of the transition elements are metals, with high melting and 
boiling temperatures. They are good conductors of heat and elec- 
tricity. Copper is widely used in electrical circuits because of its 
exceptionally high conductivity. Some of the properties of these 
elements are summarized in Table 20-2. 

Several regularities can be observed in Table 20-2. 

Molar Mass 

The molar mass Increases regularly across the row except for the 
inversion at cobalt and nickel. The molar mass of Ni might be 
expected to be higher than that of Co because there are more 
protons (28) in the Ni nucleus than in the Co nucleus (27). The 
reason for the inversion lies in the abundance of the naturally 
occurring isotopes of these elements. Natural cobalt consists 
entirely of the single isotope Co — 59. Natural nickel consists 
primarily of two isotopes, Ni — 58 and Ni — 60, with the isotope of 
mass number 58 about three times as abundant as the isotope 
having mass number 60. 

Abundance 

With the exception of iron and titanium, the transition elements are 
not very abundant in the earth's crust. There Is evidence that the 
center of the earth is predominantly iron and nickel. One theory 
for the formation of the earth suggests that the temperature rose to 
several thousand degrees during the early stages of development. 
Mptals such as iron would have been present as liquids of fairly 
high density. These liquids would have moved toward the center 
of the earth. The silicate rocks which make up the outer levels of 
the earth's crust would have floated on the top of the liquid metals. 
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Except for zinc at the end of the transition element group, the melting 
temperatures are quite high. This is reasonable, since these elements 
have a large number of valence electrons and also a targe number of 
vacant valence orbitals. Toward the end of this group of elements, 
the 3d orbitals become filled and the melting temperature is rela- 
tively low. 


TABLE 20-2 

Some Properties of the Fourth- Row Transition Elements 


Property 

Sc 

Ti 

V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu 

Zn 

Atomic number 

21 

22 

23 

24 

25 

26 

27 

28 

29 

30 

Molar mass, 9 

45.0 

47.9 

51.0 

52.0 

54.9 

55.9 

58.9 

58.7 

63.5 

65.4 

Abundance*, 

% by mass 

0.005 

0.44 

0.015 

0.020 

0.10 

5.0 

0.0023 

0.008 

0.0007 

0.01 

Melting temperature, 
X 

1400 

1812 

1730 

1900 

1244 

1535 

1493 

1455 

1083 

419 

Boiling temperature, 
X 

3900 

3130** 

3530** 

2480** 

2087 

2800 

3520 

2800 

2582 

907 

Density, g/cm^ 

‘ 2.4 

4.5 

6.0 

7.1 

7.2 

7.9 

8.9 

8.9 

8.9 

7.1 

First ioniz. energy, 
kcal/mole 

154 

157 

155 

155 

171 

180 

180 

175 

176 

216 

24- ion radius, A 

— 

0.90 

0.88 

0.84 

0.80 

0.76 

0.74 

0,72 

0.72 

0.74 

3-}- ion radius, A 

0.81 

0.76 

0.74 

0.69 

0.66 

0.64 

0.63 

0.62 

— 

— 

F,voit 

M M2+ + 2e- 

2.1*** 

1.6 

1.2 

0.90 

1.18 

0.44 

0.28 

0.25 

-0.34 

0,76 


♦ in the earth's crust. 
** Estimated. 

>M3+ + 3e” 


Density 

The density increases in a regular manner for the transition metals, 
with some leveling off at Co, Ni, and Cu. This trend is closely tied 
to the approximately constant size of the atoms. The main effect 
producing density change is the increasing nuclear mass. 

ionization Energy 

The ionization energies for the transition elements are rather similar 
in magnitude. The values are intermediate between low values for 
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the alkali metals and high values for the noble gases. The increasing 
nuclear charge which tends to increase the ionization energy seems 
to be almost offset by the extra screening of the nucleus provided 
by the added electrons. 


. Ionic Radius 

The ionic radii for the transition elements do not change appreciably 
from scandium to zinc. There seem to be two factors that are 
balanced. First, an increasing nuclear charge should pull the elec- 
trons more strongly towards the nucleus. But second, as more 
electrons enter the Zd orbitals, these electrons repel each other, 
Increasing the size of the ion. As expected the radii for the 3-1- ions 
are smaller than the radii of the 2+ ions. 


Color 

Many compounds of the transition metals and their aqueous solu- 
tions absorb light In the visible region of the spectrum. The energy 
levels that account for this absorption are relatively close together 
and involve unoccupied d orbitals. The environment of the ion 
changes the spacing of these levels, thereby Influencing the color. 
An example is the Ni^''" ion, which changes from green when sur- 
rounded by water molecules to blue when ammonia is added to 
replace the water. 

The last row in Table 20-2 gives the values for the oxidation poten- 
tials for the transition metals. Except for scandium the potentials 
correspond to the reaction 

M— 2e~ 

All of the elements except copper have positive P values. This 
means that they will dissolve in HCI solutions, liberating Hj. The 
negative P for copper Indicates why it is one of the few elements 
found in the metallic state in the earth's crust. The existence of 
deposits of metallic copper suggests why man evolved through the 
Bronze Age before the Iron Age. Copper, the essential ingredient 
of bronze, did not require the difficult smelting process needed 
for iron. 


EXERCISE 20-3 

The densities for metallic K and Ca are 0.86 g/cm^ and 1.55 g/cm^ 
respectively. Use information from Table 20-2 to draw a graph of 
density versus atomic number for the elements K through Zn. Does 
your graph suggest a regularity? 
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20-3 Some Compounds of Chromium 

Suppose we go into a chemical stockroom to see what kinds of 
compounds can be found for a particular transition element, chro- 
mium. First there might be a bottle of green powder labeled Cr 203 , 
chromic oxide or chromium(lll) oxide. Next to it there might be 
a bottle containing a red powder, CrOs, chromium (VI) oxide. We 
might also find some black powder marked CrO, chromous oxide 
or chromium(ll) oxide. There would be other compounds such 
as CrCIa, chromic chloride, and maybe some green CrFj, chromous 
fluoride. Elsewhere in the stockroom there would be bright-yellow 
potassium chromate, K 2 Cr 04 , next to a bottle of orange potassium 
dichromate, KjCrjO;. Chromium has an oxidation number of +6 in 
both compounds. 

The anions in these last two compounds provide an interesting 
example.of different structures containing the same oxidation number. 
You studied these ions and the equilibrium between them in Ex- 
periment 30. The chromate ion exhibits a tetrahedral arrangement 
of oxygen atoms around the central chromium ion. Dichromate 
may be visualized as two such tetrahedra, having one corner in 
common. Figure 20-2 shows the two structures. You found that 
chromate ion can easily be converted to dichromate ion by in- 
creasing [H'*’]. 

2 CrO/~ + 2 H-' -f HjO 



Returning to the stockroom search, we would conclude that 
chromium forms a number of stable compounds, most of them 
colored solids. We also would realize that chromium may have 
different oxidation numbers, including -f2, +3, and -fS, in its 
compounds. Similar conclusions would have resulted for most of 
the other transition elements. Table 20-3 summarizes some of the 
information chemists have found for the transition elements. 



TABLE 20-3 

Typical Oxidation Numbers Found for Fourth-Row 
Transition Elements 


Representative Compounds Number of 


_ . . . ~ I Valence Electrons 

Oxidation Number of Transition Element in Neutral Atom 

Symbol +1 +2 +3 +4 +5 +6 +7 Zd As 


Sc 


SC 2 O 3 


1 

2 

Ti 

TIO 

Ti2b3 

TIO 2 

2 

2 

V 

VO 

V 20 , 

VO 2 

VA 3 

2 

Cr 

CrO 

CriOa 


CrOj 5 

1 





KjCrO^ 








Mn 

MnO 

MnjOa 

Mn02 

K2Mn04 KMnO^ 5 

2 

Fe 

FeO 

Fe203 


6 

2 

Co 

CoO 

C 02 O 3 


7 

2 

Ni 

NiO 

Ni203 


8 

2 

Cu 

CujO CuO 



10 

1 

Zn 

ZnO 



10 

2 


20-4 Complex Ions 

Four bottles of brightly colored solids labeled 


CrCl 3'6 NH 3 


CrCl3-5 NH 3 


CrCl3-4NH3 


CrCl3-3 NH 3 

Yellow 


Purple 


Green 


Violet 


are next to each other on the stockroom shelf. The dot in the formulas 
simply indicates that a certain number of moles of neutral NH 3 are 
bound to one mole of CrCIs. Chromium has an oxidation number 
of 4*3 in each compound. 

This series of compounds exhibits some behavior that is not 
suggested by the molecular formulas. When one mole of each is 
dissolved in water* a solution of silver nitrate can be added in an 
attempt to precipitate the chloride as AgCI. The amount of chloride 
that can be precipitated varies from one compound to another. 


Compound 

Moles of Cl 
precipitated 

Moles of Cl 
not precipitated 

CrCl 3-6 NH 3 

3 

0 

CrCl3‘5 NH 3 

2 

1 

CrCl34 NH 3 

1 

2 

CrCl3'3 NH 3 

0 

3 


Apparently there are two ways in which chlorine is bound In -these 
compounds. One allows chlorine to ionize and be precipitated ; the 
other does not. In CrCIg-e NH 3 three Cl” ions form and are precipi- 
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tatad; In CrClj-SNHa, no chloride forms. The explanation of this 
behavior was provided in the early 1900's by Alfred Werner. He 
proposed that each chromium is bonded to six neighbors. In 
CrCIg-e NH 3 , the cation consists of a central Cr^'^ surrounded by 
6 NH 3 molecules at the corners of an octahedron. Octahedral 
geometry is illustrated in Figures 20-3 and 20-4. The three chlorine 


^ 1 ^ Ion with charge 



Ion with 
charge 


FIGURE 20-3 

Structures for the isomers of 
Cr(NH3)4Cl2'^. 



Cis- isomer 




Trans- isomer 


atoms form anions, Cl". In CrCIs'S NH3, the cation consists of 
the central chromium ion surrounded by the five NH 3 molecules and 
one of the Cl" ions. In CrClj^NHs, the chromium is bound to 
four NH 3 and two Cl" while in CrCIs’S NH 3 all three Cl" ions 
and three NH 3 molecules are bonded to the central Cr^"**. The for- 
mulas can be written in this way : 


[Cr(m,)n [CII3 
[Cr{NH3)5Cr] [Cr]2 
[Cr(NH3)Al [Cr] 

[Cr(NH3)3Cl3] 


Werner demonstrated by experiment that only two compounds 
have the formula CrCl 3-4 NH 3 . This is strong evidence for octahedral 
geometry around the central ion. Figure 20-3 shows the isomers 
of the cation. In one of them, the c/s-isomer, two bonded chlorines 
occupy positions next to each other. In the other isomer, the 
trans-isomer, two bonded chlorines have positions on opposite 
sides of the metal atom. 

20-5 The Geometry of Complex Ions 

The way in which atoms and molecules are arranged around a 
central, atom has a great influence on the stability of the cluster. 
What kinds of arrangements are found in complex ions? What 
shapes do they have? 



First here is a concept useful in giving spatial descriptions. The 
coordination number is the number of nearest neighbors that an 
atom has. For example, in the complex ion FeF/~, each iron atom 
is surrounded by six fluoride ions at the corners of an octahedron. 
We say that the iron atom has a coordination number of 6 in this 
ion. In the complex ion ZnCI^^ , the chloride ions are arranged 
around a central Zn^"^ at the corners of a regular tetrahedron. The 
coordination number of Zn is 4 in this ion. Figure 20-4 shows these 
complex ions. 



If more than simple atoms are bound to a central atom, then the 
coordination number still refers to the number of nearest neighbors. 
For example, in Ni(NH3)4^‘^, the cation consists of a central nickel 
ion joined to six ammonia molecules arranged in an octahedral 
manner. The nitrogen atom In each NH3 molecule is turned toward 
the central nickel and the hydrogen atoms point away. This ion 
is shown In Figure 20-5. 

The complex ion Fe(C204)3^" Is formed when rust stains are 
bleached out with oxalic acid solution. The central iron(lll) ion has 
a coordination number of 6 even though there are only three oxalate 
groups around each Iron. Each oxalate ion, uses two of its 

oxygen atoms to bond with the central iron atom. The number of, 
nearest neighbors, viewed from the iron ion, is six oxygen atoms 
at the corner of an octahedron. A group which can furnish simul- 
taneously two atoms for coordination is said to be bidentate, which 
literally means double-toothed. The structure for FeCCjOJs^" is 
drawn in Figure 20-6. 

In addition to the tetrahedral and octahedral structures, there are 
two other geometrical arrangements often found. In square planar 
complexes, the central atom has four near neighbors at the corners 
of a square. An example is the nickel cyanide anion, Ni(CN)4^'. In 
a linear complex, the coordination number is 2, corresponding to one 
group on each side of the central atom. When copper (I ) chloride 
dissolves in ammonia, the complex ion Cu(NH3)2'^ forms. The 
structures for NI(CN)4^“andfor Cu(NH3)2'^areshownin Figure 20-7. 


FIGURE 20.4 

Complex ions with octahedral and 
tetrahedral geometry. 



FIGURE 20-5 
The geometry of 
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FIGURE 20>6 

The structure of Fe{C 204 ) 3 ^''. 


Ion with t+ charge 



Ion with 2- charge 

FIGURE 20-7 


Square planar and linear structures. 


20-6 Complexes Found in Nature 

Complex ions have important roles in many of the reactions that 
occur in plants and animals. Two of these complexes are hemin 
and chlorophyll. Hemin is part of hemoglobin, the pigment in red 
corpuscles in the blood. Chlorophyll provides the green coloring 
material in plants. Hemoglobin contains iron while chlorophyll is 
a complex compound containing magnesium. As extracted from 
plants, chlorophyll is made up of two closely related compounds 
called chlorophyll A and chlorophyll B. 

The structural formula for chlorophyll A is shown on the left in 
Figure 20-8. The most obvious thing to notice is that chlorophyll A 
is a large organic molecule with a magnesium atom at the center. 
Around the magnesium atom there are four nearest neighbor N atoms. 
Each N atom is a part of a five-membered ring. The overall shape 
of this molecule is planar. 

Hemin is shown on the right in Figure 20-8. There is an aston- 
ishing similarity between these molecules. The portions within 
dotted lines identify the differences between the two molecules. 
Except for the central metal atoms, the differences are all on the 
outer edges of these cumbersome molecules. We cannot help 
wondering how nature adopted this molecular skeleton for molecules 
with such different functions. We cannot avoid a feeling of impatience 
as we await the clarification of the possible relation, a clarification 
that may be provided by scientists of the next generation. 

Hemoglobin carries oxygen from the lungs to the tissue cells. 
The Iron atom of hemin forms a complex with an oxygen molecule. 
The connection must be a rather loose one, since O 2 is readily released 
to the cells. The complex is bright red, the characteristic color of 
arterial blood. When Oj is stripped off the hemin group, the color 
changes to a purplish red, the color of blood in the veins. 

Other groups can be bound to the iron atom in hemoglobin. 
Carbon monoxide is more firmly bound to hemoglobin than oxygen 
is. If we breathe a mixture of CO and O 2 , the carbon monoxide 
molecules are picked up by the red blood cells. The sites that are 
normally used to carry O 2 molecules are filled by CO molecules. 
The tissue cells stan/e for lack of oxygen. If caught In time, carbon 
monoxide poisoning can be treated by administering fresh air 
or oxygen. 


20-7 Iron, Workhorse of the Metals 

This chapter concludes with a discussion of iron, the most commonly 
used of the transition elements. Iron is quite abundant. It makes 
up about 5% of the earth's crust, ranking fourth of all elements 
and second of the metals. Iron has useful mechanical properties, 
especially when alloyed with other elements. Steel, one of the 
most useful construction materials, is iron with a small percentage 
of carbon^ Often, small amounts of other elements are added in 
n^aking special types of steel. 
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FIGURE 20-8 

The structures of chlorophyll A and hemin, 


The most common iron ores are the oxides hematite, FejOj, and 
magnetite, Fe304. The important high-grade iron ore resources in 
northern Michigan, Wisconsin, and Minnesota are almost depleted 
now. However, methods have been developed to extract iron from 
taconite, a very hard mixture of Fe304 in silicate rocks. One of the 
first steps is the concentration of Fe304, taking advantage of its 
magnetic properties. Other major deposits of iron oxides are found 
in Brazil, Venezuela, Canada, Sweden, and Russia. 

Reduction of Iron Ore 

The production of iron is an excellent example of chemical reduction 
on a massive scale. The process is carried out in a huge vertical 
reactor called a blast furnace. The three raw materials are iron ore, 
limestone, and coke. These are fed into the top of the furnace while 
air is blown in at the bottom. A simplified version of what goes on 
in a blast furnace is shown in Figure 20 - 9 . As the mixture of ore, 
limestone, and coke moves down through the furnace, it encounters 
the updraft of oxygen. Carbon monoxide forms, and the heat energy 
released in this reaction maintains the high temperatures required 
In the furnace : 


2C + O2— > 2 CO + 52 . 8 kcal 
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Ore, coke and 
limestone 




As CO rises through the furnace, the iron oxide ore is reduced to 
metal, probably In three stages: 

CO + 3 FeA — ► 2 Fe304 + CO 2 
C0 + Fe304“>3Fe0 4-C02 
CO + FeO Fe + COj 

The temperature near the bottom of the furnace is sufficiently high 
that the impure iron collects as a molten liquid. Molten slag, formed 
when limestone reacts with silicates in the ore, floats on top of the 
more dense liquid Iron. An average furnace that produces about 
750 tons of iron per day will also yield about 400 tons of slag. The 
slag is sometimes used in the manufacture of cement. About 
400,000 tons of iron are produced daily in the United States. A 
general vie\AM>f a blast furnace is seen in Figure 20-10. 

When the iron from a blast furnace cools, it is called pig iron. The 
high carbon content, about 4%, makes pig iron too brittle for most 
uses. Pig iron is made into steel by burning out most of the carbon, 
sulfur, and phosphorus impurities. Manganese, vanadium, and 
chromium are added in small amounts to produce steel alloys with 
particular properties. The important stainless steel alloys contain 
1 0-20% chromium, up to 1 0% nickel, and sometimes 1 % manganese. 
Stainless steels are free from one of the main deficiencies of iron, its 
tendency to rust. Corrosion of iron was discussed in Section 1 5-8 
as a very undesirable redox reaction. 

Iron is so well known as the major component of steel that Its 
use in compounds is often overlooked. Iron oxides are important 
as pigments and as coating for magnetic tape. The compound 
ferrous sulfate is widely used as an inexpensive reducing agent in 
a number of industrial processes. 
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FIQURE 20-10 

View of a blast furnace. (U. S. Steel Photo) 


Questions and Problems for Chapter 20 


1 

Why are the elements with atomic numbers 21 to 30 
placed in a group and considered together in this 
chapter? 

2 

Write the orbital representation for 

(a) chromium, 

(b) molybdenum, 

(c) tungsten. 


3 

What properties of the transition elements are in- 
sistent with their being classified as metals ? 

4 

Ferrous ion, iron(ll), forms a complex with six cyanide 
ions, CN"; the octahedral complex is called ferro- 
cyanide. Ferric ion, iron(lll), forms a complex with 
six cyanide ions; the octahedral complex is called 
ferricyanide. Write the structural formulas for the 
ferrocyanide and the ferricyanide complex ions. 
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5 

Draw the different structures for an octahedral cobalt 
complex containing four NH3 and two NO2 groups. 

6 

Draw the structures of the compounds 

Cr(NH3)6(SCN)3 

Cr(NH3)3(SCN)3 

(SCN" is the thiocyanate ion). Consider the oxidation 
number of chromium to be +3 and the coordination 
number to be 6 in both compounds. Estimate 

(a) the solubility of these compounds in water; 

(b) their relative melting temperatures; 

(c) the relative conductivity of the liquid phases. 

7 

Why does NH3 readily form complexes, but 
does not? 

8 

Place a piece of paper over Figure 9-1 6 and trace it. 
Extend the x axis and add the ionization energies of 
the transition elements. Complete the row with the 
following ionization energies: Ga, 138; Ge, 187; 
As, 242 ; Se, 225 ; Br, 273 ; Kr, 322 ; Rb, 96 kcal/mole. 

9 

Chromic oxide, Cr203, is used as a green pigment and 
is often made by the reaction between Na2Cr207 and 
NH4CI to give Cr203, NaCI, N2, and HJO. Write a 
balanced equation and calculate how much pigment 
can be made from 1 .0 x 10^ kg of sodium dichromate. 

10 

What is the oxidation number of manganese in each 
of the following: MnOr; Mn^"^; Mn304; MnOj; 
Mn(OH)2;MnCl2;MnF3? 

11 

Manganasetiil), spontaneously disproportion- 
ates^to and Mn02. Balance ^e equation for 
the reaction occurs in aqueous solution. 


12 

Use the £® values in Table 20-2 to predict what might 
happen if a piece of iron is placed in a 1 M solution 
of Mn^**" and if a piece of manganese is placed In a 
1 M solution of Fe^’*' Balance the equation for any 
reaction that you feel would occur to an appreciable 
extent. 

13 

Iron exists in one cubic crystalline form at 20X (body- 
centered cubic, with cube edge length 2.86 A) and 
in another form at 11 OCX {face-centere(f%ubic, with 
cube edge length 3.63 A). 

(a) Draw a picture of each unit cell, showing the 
nine atoms involved in a body-centered cubic 
cell and the fourteen atoms involved in a face- 
centered cubic cell. (See Figures 1 7-20 and 1 7-21 .) 

(b) Decide the number of unit ceils with which each 
atom is involved (in each structure). 

(c) How many atoms are in each unit cell if we take 
into account that some atoms are shared by two 
or more adjoining unit cells ? 

(d) Calculate the volume of the unit cell and, with 
your answer to part (c), the volume per atom 
(for each structure). 

(e) What conclusion can be drawn about the "effec- 
tive size" of an iron atom? 

14 

One of the important cobalt ores is 
Co 3 (As 04)2*8 H2O 

How much of this ore is needed to make 1 .0 kg of Co ? 

15 • 

Nickel carbonyl, Ni(C0)4, boils at 43°C, and uses the 
sp^ orbitals of Ni for bonding. Give reasons to justify 
the following : 

(a) it forms a molecular solid ; 

(b) the molecule is tetrahedral; 

(c) bonding to other molecules is of the van der Waals 
type; 

(d) the liquid is a nonconductor of electricity; 

(e) it is not soluble in water. 
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16 

Write balanced equations to show the dissolving of 
Cu(OH)2(s) on the addition of NH3(aq), and 
also the reprecipitation caused by the addition of an 
acid. 


17 

Cupric sulfide, copper(ll) sulfide, reacts with hot nitric 
acid to produce nitric oxide gas, NO, and elemental 
sulfur. Sulfur and nitrogen are the only elements whose 
oxidation numbers change. Write the balanced equation 
for the reaction. 
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Radioactivity 

and Nuclear Changes ne 




Becquerei discovered, in 1896, that uranium compounds had the 
unusual property of releasing energy spontaneously. Soon a number 
of scientists began to carry out experiments in their search for an 
explanation of this new phenomenon. The observation that some 
uranium ores had much higher levels of "radioactivity" than purified 
uranium compounds suggested that there might be new elements in 
those ores that were more radioactive than uranium. Marie Curie 
and her husband Pierre were the first to show that this indeed was true. 

The method used by the Curies was relatively simple but at the 
same time very exacting. After dissolving the ore, different precipi- 
tating agents were added to the solution. In some instances the 
radioactive elements would concentrate in the precipitate. In other 
operations, the radioactivity would remain in solution. The first 
element discovered by the Curies was similar in its chemical behavior 
to tellurium. The name polonium was chosen for this element, and 
it was placed below tellurium in the Periodic Table. The other 
element to be isolated by the Curies was radium. Radium showed 
chemical behavior like that of barium. Only after many fractional 
crystallizations was radium bromide separated from barium bromide. 
Radium was placed below barium in the second column of the 
Periodic Table. 

Other scientists carried out similar investigations with different 
ores and, soon, the Periodic Table became overcrowded. Several 
different samples exhibited the chemical behavior of radium but had 
quite different radioactive properties. A rather strange dilemma con- 
fronted scientists I Neither Dalton's Atomic Theory nor Mendeleev's 
Periodic Table predicted such behavior. Dalton had proposed that 
elements were made up of atoms that were identical in all respects. 
Mendeleev had arranged the elements so that each had its own place 
in the Periodic Table. How, then, could the place for radium be 
shared by several "kinds" of radium ? 

The confusion was resolved by the suggestion that elements might 
be composed of different kinds of atoms called isotopes. This 
chapter will start with the discussion of the experiments that led 
to an understanding of isotope and of radioactivity. 
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21 -1 The Mass Spectograph and Isotopes 

Thomson's experiments {Sections 8-2 and 8-3) allowed him to 
measure the charge-to-mass ratio for the ions in gas discharge tubes. 
The same value for elm was always found for ions with negative 
electric charge. The e/m ratio was independent of the gas in the 
tube. For ions with positive electric charge, the values for e/m 
varied from one gas to another. After Millikan had measured e, the 
charge of the electron, Thomson's e/m ratios made it easy to calculate 
the mass of the positive ions. Since his experiments separated ions 
according to mass, the instrument he used was referred to as a 
me^e spectrograph. 

One type of mass spectrograph is shown schematically in Fig- 
ure 21-1. Positive ions are accelerated through a slotted negative 
electrode and then passed through a uniform magnetic field. The 
left view in Figure 21-1 shows the apparatus supported between 
the pole faces of a strong magnet. The right view is an enlargement 
of the spectrograph rotated so that the magnetic field is directed 
perpendicular to the page. 

Although positive ions can be produced in a gas discharge 
tube, it is more convenient to bombard the gas with an electron 
beam. If the bombarding electrons have enough energy, positive 
ions form when electrons interact with gas moiecules. In Fig- 
ure 21-1, neon gas enters at the bottom of the apparatus. As the 
gas passes through the electron beam, some atoms absorb energy 
and then lose electrons to form neon ions, Ne’*’ and Ne*'*'. These 
ions are accelerated and pass through the slotted electrode. While 


FIGURE 21 -1 A masf spectrograph analyzing a neon sample. 
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each positive ion is in the magnetic field, it follows a circular path 
fixed by its mass, speed, and charge. For ions of the same speed, 
a large mass leads to a large radius for the circle; a large charge 
leads to a small radius. After circling through an arc of 1 80®, the 
ions strike a photographic plate. The impact of the ions causes a 
reaction that leads to a darkening of the plate. A line occurs for 
each ion at a position determined by the charge-to-mass ratio. 
Measurement of the position of each line permits calculation of the 
mass of the ion. The record on the photographic plate is called 
a mass spectrum. 

The mass spectrum for neon consists of two widely separated 
groups of lines. The lines corresponding to large radii are caused by 
neon ions with a single positive charge while the lines corresponding 
to small radii are caused by doubly charged ions. For each ionic 
charge there are two slightly separated lines which indicate that 
neon consists of atoms with different masses. The relative abundance 
of these atoms can be determined by measuring the intensity of the 
lines caused by each ion beam. 

Thomson's experiments demonstrated that the element neon con- 
tained at least two kinds of atoms. One had a molar mass of approxi- 
mately 20 grams, and the other approximately 22 grams. The line 
corresponding to mass 20 is about ten times as intense as that for 
mass 22. In a more refined instrument, a third line for mass 21 
can be detected, but Its intensity is about three percent of the 
already weak mass 22 line. The best mass spectrometers in use 
today can determine masses to a precision better than one part 
in a billion ! 

The dilemma of several kinds of atoms occupying the same place 
in the Periodic Table was resolved. In the current model the dense 
nucleus contains protons and neutrons. The position in the Periodic 
Table is determined by the number of protons, Z, which is also the 
atomic number for the element. The chemical behavior of an element 
is primarily determined by the nuclear charge, and only in minor 
ways by the nuclear mass. The mass number (A) for an atom is 
the sum of the number of protons (Z) and the number of neutrons (N) 
in the nucleus. The notations 

foNe and 

represent the two kinds of neon atoms that Thomson measured. 
Each contains the same number of protons. The name isotope was 
coined to refer to atoms that have the same number of protons 
but different numbers of neutrons. It is customary to write the 
atomic nuthber at the lower left of the chemical symbol and the 
mass number at the upper left of the symbol. One Isotope of neon 
has 10 protons and 10 neutrons in the nucleus; another isotope 
has 10 protons and 12 neutrons. 



EXERCISE 21-1 

When chlorine, Clj, is examined in a mass spectrograph, 
and CP'*’ ions are formed. Remembering that there are two isotopes 
of chlorine, ?7C1 (75%) and fJCI (25%), describe qualitatively the 
appearance of the mass spectrum. Which ion will produce lines 
at the largest radius? Which at the smallest radius? How many 
lines will each type of ion produce? 


EXERCISE 21-2 

Suppose a mass spectrograph is used to measure the charge/mass 
ratio for fluorine ions. Fluorine has only one stable isotope and its 
molar mass is 19.0 grams/mole. From the measured charge/mass 
ratio, 5.08 x 10^ coulombs/gram, and the assumption that the ion 
has one electron charge, calculate the mass of one ion. Use e ^ 
1.6 X 10“^’ coulomb. Repeat the calculation, assuming the ion 
has two electron charges. Now calculate Avogadro's number 
from the mass of a mole of fluorine ions, using each of your 
two calculations. Which assumption about ion charge do you 
prefer? Could the other be correct as well ? 


21 -i Nuclear Changes 

Before we investigate the phenomenon of radioactivity, let us consider 
the possibility of reactions in which nuclei can be altered. These 
reactions change the number of protons and neutrons in the nucleus. 
This study will reveal some marked differences between chemical 
and nuclear reactions and will introduce a notation that will be 
useful throughout the rest of this chapter. We have already started 
the notation with ?oNe and ijNe in the preceding section. 

The fact that nuclei remain intact during chemical reactions 
suggests that much larger energies are required for nuclear changes 
than for chemical changes. Experimentally, this proves to be true. 
Nuclear reactions usually involve energy changes over a million 
times greater than those we find in chemical reactions. This enor- 
mous factor accounts for the current interest In nuclear reactions 
as a source of energy. 

One such nuclear reaction is represented by the equation 

^^fU + 0 ^ ^ ^56^3 "1“ -}- 3 0 ^ + energy 

Before we examine the details of this rather strange looking equa- 
tion, let us focus our attention on the “+ energy" term. The numerical 
value is of the order of 4.5 X 10’kcal/mole of uranium. Look at 
that figure again and compare it to the molar heat of combustion 
of carbon. Roughly, what Is the ratio of these two energies? It 
is 1C/, or 10 million! 



Now examine the reaction in more detail. Forget momentarily 
the subscripts and superseripts.* Recall from Chapter 8 that the 
neutron (n) is one of the fundamental particles visualized as present 
in nuclei. What has happened ? 

U + Ba + Kr + 3/J 

Instead of producing new kinds of substances by combination of 
atoms, the element uranium has combined with a neutron and as a 
result has split into two other elements — barium and krypton — plus 
three more neutrons. Atoms of a given element are characterized 
by their atomic number, the number of units of positive charge on 
the nucleus. For one element to change into another element the 
nucleus must be altered. In our example the uranium nucleus, as a 
result of reacting with a neutron, splits or fissions into two other 
nuclei and releases, in addition, neutrons. 

A glance at the Periodic Table will show that the subscripts we 
have attached to our symbols are the atomic numbers of the elements 
designated by the symbols— 92 for U, 56 for Ba, 36 for Kr. The 
zero subscript attached to the neutron denotes the lack of charge 
on this particle. If we look at the subscripts, 

92l-i "F 0^ ^ 56®® “F + 3 q/} 

we notice that their sum on each side of the equation is identical : 

92 -f 0 » 56 -h 36 + (3 X 0) 

This identity is but another way of expressing the law of conserva- 
tion of charge. 

In the model of nuclear structure you were given in Chapter 8, 
the nucleus was pictured as being built up of protons and neutrons. 
These two kinds of particles are given the general name nucleon. 
The maw timbf of a nuo/aus is aqual to the number of nucleons 
present The superscripts in our equation are mass numbers : 

*"U + ’AJ->’'’Ba + «Kr + 3’/r 
Apparently the mass numbers are also conserved : 

236 + 1 -141 +92+ (3X1) 

We can rephrase this in the form of a rule: The total number of 
nucleons is unchanged during nuclear reactions. 


EXERCISE 21-3 

According to the model developed in Chapter 8, how many nucleons 
are present in a uranium nucleus of n^ss number 236 ? How many 
protons are prwent? How many neutrons? 
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Actually, then, by our symbol we are representing not an 
atom, but a nuciide, a particular nuclear species of given mass 
number (A) and atomic number (2). Our equation is written in 
terms of nuclides and particles associated with them. This nuclear 
equation tells us nothing about what compound of uranium was 
bombarded with neutrons or what compound of barium is formed. 
It summarizes only the nuclear changes. During the nuclear change 
there is much disruption of other atoms because of the tremendous 
amounts of energy liberated. We do not know in detail what happens, 
but eventually electrically neutral substances (chemical compounds) 
result and the neutrons are consumed by other nuclei. 

It is easy to determine that there is an electron balance between 
the reactants and products: 



Reactants 

Products 


Nucleus 

Electrons associated 

«U 


«Ba 34 Kr 

3on 

with nucleus 

92 

0 

92. 

56 36 

. 56 + 36 « 92 

0 


Note one other characteristic of the particular nuclear reaction we 
have been examining. Atoms are not conserved. This statement 
applies to many nuclear reactions. 

Now that the notation is established, let us return to a type of 
nuclear change which occurs spontaneously: radioactive decay. 

21-3 Radioactive Decay 

Early studies of natural radioactivity identified three forms of energy 
release, called alpha, beta, and gamma emission. Table 21-1 
summarizes the characteristics of each radioactive decay process. 


TABLE 21-1 

Radioactive Rays 


Name 

Charge 

Approximate 
Molar Mass, 
grams 

Speed after 
Emission 

(c » speed of light) 

Description 

Penetrating Power 

a 

alpha 

2+ 

4 

'vO.OSc 

Nucleus of 
helium atom 
jHe 

Short range, high ionization 
per centimeter 

/3 

1- 

1 

0.3-0.99C 

Electron 

Intermediate range; interme- 

beta 

- 

1837 


-?• 

diate ionization par centi- 
meter 

y 

gamma 

0 

0 

c 

High energy 
photons 

Long range; little ionization 
per centimeter 




All three of these rays are emitted by a pure uranium compound 
or by a piece of uranium ore. It was a triumph of careful experimen- 
tation to demonstrate that there were many radioactive elements in 
the ore or in the supposedly pure compound. Eventually these 
elements were separated and studied in detail by techniques similar 
to those used by the Curies. 

Rutherford and Soddy demonstrated that an element which 
emitted an alpha particle spontaneously changed into another 
element (called a daughter element) whose atomic number was 
two less than the parent and whose mass number was four less. 
The daughter element fits In the Periodic Table two places to the 
left of the parent element. For one of the isotopes of radium found 
in uranium ores we can write 

^ItRa — ► aHe + 

A consideration of the electron balance shows that two electrons 
are available to combine with the alpha particle (aHe- helium 
nucleus of charge 2+) to form helium atoms. Gaseous helium is a 
product of alpha-emitting radioactive materials. 

The same two scientists also found that beta emission corre- 
sponded to the spontaneous decay of an element into a daughter 
element whose mass number remained constant but whose atomic 
number increased by one. The daughter element is a member of 
the group in the Periodic Table one place to the right of the parent 
element. For one of the isotopes of thorium found in uranium ore 
we can write 

"oTh ► Je + *?tPa. 

Since a new atom (protactinium) is produced, the electron (beta 
particle) must have come from the nucleus of the thorium atom. 
The protactinium atom with the increased atomic number requires 
this extra electron to achieve electron balance. 

The question of how a thorium nucleus, built of 90 protons and 
144 neutrons, emits an electron did not bother Rutherford and 
Soddy because they used a model which pictured the nucleus as 
containing 234 protons and 144 electrons. Today in terms of our 
proton-neutron model we say that the following takes place: 

In — ► ]p + + neutrino 

We will not study the neutrino in this textbook. 

Gamma rays (high-frequency electromagnetic radiation) accom- 
pany alpha and/or beta emissions. 

The details of the many steps whereby decays into the stable 
isotope ^Pb are shown in Figure 21 -2. These steps are called a 
radioactive decay series and will.be studied in more detail in Sec- 
tion 21-7. Two other natural radioactive decay series are known. 
They involve the decay of ^IjTh into and the change of ^||U 
into ^^Pb. 



An important characteristic of aii radioactive species is that in a 
specified period of time a constant fraction of the nuclei decompose. 

Normally the time for one half of the nuclei to decay is chosen! 

This length of time, is known as the half-life of the nuclide! 

Thus, if we start with one gram of material whose half-life is 20 min- 
utes, the following observations could be made: 

During 20 minutes 

Vs gram would decay; (1 - %) = \ gram would be left. 

During another 20 minutes (or 40 minutes total) 

, (V 2 )(’/jgram) or'/, gram would decay; {% - V,) = V, gram would remain. 
During still another 20-mlnute period (or 60 minutes total) 

(WU gram) or Vg gram would decay; (’4 - %) * Vg gram would be left. 
The rate of decay of any radioactive species is shown in Figure 21 -3, 
expressed in terms of its half-life. 

The half-lives of various elements vary widely. For the alpha decay 
of "SU into ^ 9 oTh, the half-life Is 4.5 x 10’ years. During 24.1 days, 
half of a ^SoTh sample decomposes by beta decay. Half-lives as short 
as microseconds have been observed. Note that the alpha decay of 
^JjRa mentioned on page 41 6 is part of the decay series shown 
In Figure 21 -2. ^JjRa has a half-life of 1620 years. Since the age 
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FIGURE 21-3 

Radioactive decay. 



of the earth is known to be about 5x10^ years, it is easy to under- 
stand why is found in the earth's crust. On the other hand, 
^•iRa would have disappeared soon after the earth's formation 
except that it is supplied continuously through the decay of 


21-4 Nontpontaneous Nuclear Reactions 

Rutherford was the first one to show that nonspontaneous nuclear 
reactions induced by collision or bombardment could occur. After 
many years of careful experiments, he was able to prove in 1919 
that an alpha particle with enough energy can combine with a 
nucleus instead of just being scattered by it. He showed that this 
reaction had occurred; 

The alpha particle with its 2+ charge had to overcome the very 
high coulombic repulsion forces surrounding the nitrogen nucleus 
with its 7+ charge. The probability of this occurring is very low. 
Once the alpha particle gets very close to the nitrogen nucleus, 
strong eWecth/e nuclear forces take over. The exact nature of nuclear 
forces is still not known. But the fact that protons and neutrons 
do not spontaneously repel each other enough to destroy the nucleus 
means that some attractive forces are present. 

During the fifty years since Rutherford identified this nuclear 
reaction, many others have been studied. With the advent of the 
high-energy accelerating machines such as the cyclotron, chemists 
and physicists have explored a variety of nuclear reactions. Fig- 
ure 21-4 shows schematically the energy situation near a nucleus 
when a charged alpha particle or an uncharged neutron approaches 
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FIGURE 21-4 

Energy barriers for nuclear reactions 
using a particles or neutrons. 


the nucleus. Neutron reactions occur with much higher probability 
because no coulombic repulsion occurs. 

Let us took at a few examples of nuclear changes induced by 
bombardment and some of the new particles discovered. In 1 930, 
Cockroft and Walton accelerated protons so that they had enough 
energy to penetrate the coulombic barrier of the JU nucleus. Helium 
was produced, as represented by 

IH +5Li^2^He 

In the same year, a penetrating radiation was observed when beryl- 
lium compounds were bombarded with alpha particles. Chadwick 
interpreted the radiation by the reaction 

2He -f- jBe ^ 

and thus the neutron was discovered. 

In 1932, Anderson was studying cosmic rays and found evidence 
for a particle like the electron but positively charged. He named 
it the positron, or positive electron ( 4 .?e). Soon others showed that 
the positron was emitted by a nitrogen isotope formed by the 
reaction 

2He -}- '5B ^ 0^ + ^yN 

The nuclide is radioactive and decays spontaneously according to 
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Radioactivity induced by bombardment is known as artificial radio- 
activity. Hundreds of artificially radioactive nuclides have been 
produced. 

The nuclear reaction in Section 21 -2 is known as a fission reaction. 
Another is 

’1“ 0^ ^ “I" ^54^® ”1" 3 Jn 

This type of reaction is used in atomic piles or occurs in the 
atom bomb. There are some fifty pairs of products known, including 
lanthanum and bromine or cerium and selenium. Each pair is such 
that the sum of their atomic numbers is 92. 

The hydrogen bomb depends on fusion processes. A typical 
one is 

iH -f" iH ► 2^6 "1" 0^ 



FIGURE 21-5 
Nuctesr stability. 
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To overcome the repulsive force as the two hydrogen nuclei ap- 
proach each other, their collision energy must be of the order 
of 5 X lO^kcal/mole. Such kinetic energies are achieved when 
the temperature is around 200 million degrees Kelvin. At this 
temperature any gas is a collection of nuclei, ions, and electrons. 
Gas in this state is known as a plasma. 

All the man-made elements beyond atomic number 92 (the trans- 
uranium elements) were synthesized by bombardment reactions. 
For example, element 98, californium (Cf, Z = 98), is formed from 
and nuclides: 

”|U + '|C— ►“Jta + 4{n 

21-5 Nuclear Stability 

Some combinations of neutrons and protons lead to stable nuclides. 
Other combinations of neutrons and protons lead to unstable or 
radioactive nuclides. In Table 21-2, the isotopes of carbon are 
listed; and ’JC are stable while ’JC, ^JC, ' 4 C,and ’JC are radio- 
active. 


TABLE 21-2 

Carbon isotopes 


Nuclide 

Symbol 

Number 

of 

Protons 

Number 

of 

Neutrons 

Type 

of 

Decay 

Half-life 

h/2 

'?c 

6 

4 

Positron (+fe) 

19 seconds 

'IC 

6 

5 

Positron (+?e) 
ori3+ 

20 minutes 

'ic 

6 

6 

Stable 

— 

'|C 

6 

7 

Stable 

— 

'tc 

6 

8 

Beta (-?e) 
or^*“ 

5570 years 

'ic 

6 

9 

Beta (_fe) 
or/3- 

2.4 seconds 


Stable nuclei with low mass tend to have approximately equal 
numbers of protons and neutrons. As the mass increases, stable 
nuclides have more than one neutron per proton. In Figure 21 -5 
each stable nuclide is represented by a dot in the blue region. 

Unstable nuclei achieve stability by radioactive decay. Here are 
two sets of sample reactions; first, a beta decay: 

’JC — > -H ™?e (beta particle) 

To create the nucleus, the seventh proton is produced by this 
reaction : 


Jn !H + ^fe 



The second example illustrates positron decay : 

”C — ► + +?e (positron) 

in making the "B nucleus, a proton is converted to a neutron by 
emitting a positron : 

! H — > In 4- +fe 

In this part of the universe, electrons are stable, but positrons 
disappear by reaction with electrons soon after they are created. 
The equation for this matter-antimatter reaction is 

-fe -h +ie T radiation 

The stability of a nuclide depends on its neutron/proton ratio. 
Even among those nuclei that are considered stable, however, there 
is a variation in the forces which hold the nucleons together. In 
order to study this variation in nuclear binding energy, consider 
the process of building a nucleus from protons and neutrons, for 
example, the hypothetical reaction 

2lH-h2in->lHe 

First compare the masses of the reactants with those of the product : 

Mass of 2 protons = 2 x 1 .00759 * 2.01 51 8 g/mole 
Mass of 2 neutrons = 2 X 1.00897 = 2.01794 g/mole 
Total mass of reactants = 4.0331 2 g/mole 

Mass of 2He produced = 4.00277 g/mole 

Mass difference between 

products and reactants 0.03035 g/mole 

There is a decrease of 0.03035 gram per mole of helium nuclei 
formed in this reaction. An equivalent amount of energy is released. 
The Einstein mass-energy relationship is given in the equation 
E = mc^. In the formation of 1 mole of helium nuclei there would be 

f = » (o.03--^) X (3 X 10’®—) 

\ mole/ \ sec/ 

= 2.7 X 10’’ ergs/mole 

E - (2.7 X 10”ergs/nfK)le) x (2.4 x 10“'” kcal/erg) 

= 6.4 X lO’kcal/nujIe 

or 640 million kilocalories of energy released. This amount of energy 
can be considered as the binding energy of a mole of helium nuclei. 
This much energy must be supplied to dissociate a mole of aHe 
nuclei into two moles each of protons and neutrons. Binding energy 



between nucleons in nuclides corresponds to bonding energy 423 

between atoms in molecules. Of course, the energy is millions of 
times greater for nucleon binding. 

Similar calculations can be made for other nuclides. A significant 
comparison between nuclear binding energies is seen if the total 
binding energy of each nuclide is divided by the number of nucleons 
in the nucleus. This calculation gives the binding energy per particle 
in a mole of nuclei. The binding energy per particle varies In a 
systematic way as the mass number of the nucleus increases. This 
variation is shown in Figure 21 -6. 



FIGURE 21-6 

The binding energy per particle 
in the nucleus. 


The nuclei that have a mass number of approximately 60 have 
the highest binding energy per nuclear particle and are therefore 
the most stable nuclei. This graph helps us to understand the 
existence of the processes of nuclear fission and nuclear fusion. If 
a nucleus of the heavier elements such as uranium and plutonium 
is split into two smaller fragments, the binding energy per nucleon 
is greater in the lighter nuclei. As in every other reaction in which 
the products are more stable than the reactants, energy is evolved 
by this process of nuclear fission. Generally this fission reaction 
is induce^ by the bombardment of a particular nuclide of uranium 
or plutonium with neutrons. 

When more than one neutron is released in each nuclide splitting, 
the fission reaction Is a self- propagating reaction, or chain reaction. 
Neutrons released by one fission event may induce other fissions. 
When fission reactions are run under controlled conditions in a 
nuclear reactor, the energy released eventually appears as heat. 
The energy released by the fission of one pound of is equivalent 
to that obtained from more than 1000 tons of coal. 

Figure 21 -6 shows that when very light nuclides such as iH or iH 
are brought together to. form heavier elements, the binding energy 



per mole of nucleons again increases and energy is released. The 
graph also shows that the energy released per mole of nucleons is 
considerably greater in the fusion process than in the fission reaction. 
By use of a set of reactions in which four protons are converted 
Into a helium nucleus and two electrons, one pound of hydrogen 
could produce energy equivalent to that obtained from lO^QOQ tons 
of coal. For this reason, and because of the great abundance of 
hydrogen, fusion reactions are potentially sources of enormous 
amounts of energy. Unfortunately fusion reactions take place 
rapidly only at temperatures that are greater, than j million degrees. 
These temperatures have been attained briefly by use of nuclear 
fission explosions. At present, attempts are being made to attain 
the temperatures required for nuclear fusion by less destructive 
means, so that these reactions can be used as an energy source. 
The most promising processes are based upon the fusion of deu- 
terium, 1 H, or tritium, ? H, nuclides. The immense amounts of energy 
generated In stars are a result of nuclear reactions. Different reac- 
tions are thought to occur at different stages In the lifetime of a 
star. The fusion of four protons to form one helium nucleus is 
responsible for the energy production during the longest period of 
a star's existence. The age of our star, the sun, is around 5x10’ 
years. It is estimated that there is enough hydrogen remaining In 
the sun to provide energy for 10 x 10’ more years. 

21-6 Comparison of a Chemical and a Nuclear Reaction 

Comparison of the H 2 — iodine (^^1) reaction with the proton- 
nuclear reaction will illustrate some similarities and emphasize- some 
dl^erences. 

Hj 4' I 2 [R 2 I 2 ] 5^ Hi -f HI 

(1 ) Collisions must involve sufficient energy to form the acti- 
vated complex, Hjlj. This minimum energy is called the activation 
energy, 

(2) The activated complex decomposes very rapidly. The ac- 
tivated complex may form HI or It may form and Ij. . 

(3) For each mole of Hi that forms from the gaseous elements 
about three kilocalories are released. 

The nuclear reaction can be written 


}H + 



^ ^laTe + jHe 
"■^^UXe + J/j’ 
'^'l5Xe + 2jn 


(1 ) Collwlons must involve sufficient energy to form the activated 
complex, ^IJXe. The high-energy collisions occur when accelerated 
protons strike the sample of solid iodine. 

1?] intermediate is quite unstable and decomposes in about 
10" to 10"^* second. The ^UXe nuclide may return to ’gl plus a 
proton os form orte pair of the produce shown, Thus the inter- 
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mediate can change into the original reactants or new products, just 
as in a chemical reaction. 

(3) For each mole of nuclear products, large amounts of energy 
may be released or absorbed. For the reaction that forms ’SXe, 
energies of the order of 50 million kcal/moie are absorbed. Even 
though this exampte is endothermic, it still serves to illustrate the 
huge energies observed for nuclear changes. 

21-7 The Age of the Earth 

One of the most interesting questions man has asked is, "How old 
is the earth ?" We shall see that ingenious me^Kxls have been 
developed that enable scientists to determine the age of the earth's 
crust. 

The most reiiabie methods for establishmg tiie age of a long- 
lasting object (such as a mountain) depend upon the presence of 
natural radioactivity. Forexample, consider the chemicaf composition 
of a veiy old crystal of pitchblende, U3OS. We may presume that this 
crystal was formed at a time when chemical conditions for Hs for- 
mation were favorable. For example, it may have predpitaFted from 
molten rock during cooling. The resultfhg ery^als lend to exclude 
impurities. Yet, careful analysis shows that every deposit of pitch- 
blende contains a smaH amount of lead. Sciendsts a^me the lead 
has come from uranium through radioactive cbcay. 

The ser^enoes of ra#)active decays that eventually produce lead 
are virell known, and the rates decay have been cmefuHy measured. 
We shall consider tte sequence based upon the relatively sbw 
decomposrtkm of the most abundant uranium isotope, mass 238 
(natural abundance, 99%) : 

jHe + a-decay, half-life, Tyt ^ 4,6 X 10^ years 

The pmdoPts are an a-particie (a helium nucleus) and a thorium 
isotope dtat is unstable and that rapidly decays by emitting suc- 
cessively two electrons : 

^9oTh — ► ®9jPa + -iS iS-decay, 7,/2 * 24.1 days 

^gPa 4- -\e jS-decay, 7',/2 *1-14 minutes 

Thus m have returned to an isotope of urankim, but one 
of half-fife very much shorter than that d This wotope begins 
a suecessk>n of a-decays, ^ch reducing the atomic number by two. 

^gU — ► ^IjTh + ^He a-decay, hn = 2.7 x 10^ years 

2gTh — > *gRa -F iHe «-decay, rv2 “ S.3 X 10* years 

2gRa ^JjRn -F ^He a-decay, « 1.6 X 10* years 

^gRn — ► ^UPo -F 2He a-decay, r,/2 ** 3.8 days 

^eJPo — > ^gPb -F jHe a-decay, hn * 3.1 minutes 

We have at last reached lead— but ^gPb is itself radioactive! This 
isotope decays in a succession of |9-decays : 



426 


jS-decay, Ti/a = 27 minutes 
j5-decay, 7^/2 = 20 minutes 


n2Pb-^^«Bi +-?e 
^i^Bi ->^ilPo + -?e 

Again a-decay occurs, returning to the element lead, but to another 
isotope that decays by emitting successively two jS-particles : 

^gJPo — >*82Pb + 2He a-decay, T\/2 = 1.5 x 10““^ second 

^ttPb — > ^IsBi + |3-decay, r ,/2 * 22 years 

^ajBi ^JJPo + -fe iS-decay, Ty^ * 5 days 

This isotope of polonium, ^JJPO/ asain decays by a-decay, but 
this time gives an isotope that does not decay further: 

2JJpo — ► + 2He a-decay, r,/2 « 140 days 

^SfPb — ► not radioactive T] /% infinitely large 

The final product in this long sequence of reactions is the stable 
isotope of lead, ^®*Pb. The amount of present depends upon 
how iong the deposit of uranium has been decaying since it was 
formed. 

There is, fortunately, a rather simple verification of the presump- 
tion that ail of the lead came from this iong sequence of nuclear 
reactions. Lead ores that do not contain uranium include several 
isotopes— ^°^Pb makes up about 26% of the total and the rest is 
^‘^Pb (1.4%), 207 pb (21%)^ and ^Pb (52%). Of these, two are 
formed through radioactive decay of some other uranium or thorium 
isotope by a sequence like that shown for Of the four stable 
lead isotopes, the only one not derived from known radioactive 
decay series is ^®^Pb. Hence, the ratio of the amount of this Isotope 
to that of ^^‘Pb measures the amount of ^“Pb present in excess of 
the natural abundance. This excess comes from decay of If 
there is no ^°^Pb present, then all of the ^‘^Pb came from 
Thus, analysis of uranium minerals with the aid of the mass 
spectrograph gives information on the age of the mineral. Though 
many different half-lives are Involved in forming the lead, only the 
longest half-life (the rate-determining step) is of importance. Com- 
bining the lead content with the haif-iife provides estimates 
of minerai ages in the range of five billion years. 

What have we learned in this estimate? Surely we can say the 
age of the earth cannot be less than 5x10’ years. To evaluate 
this number further, we must look for other types of data. 

Fortunately, there are other radioactive elements in nature that 
give similar bases for estimates. As a second example, potassium 
in nature includes one radioactive isotope, tjK, which decays by 
capturing an electron into its nucleus. The product is f jAr, a stable 
isotope: 


ijK + _?e — »• ijAr electron capture r,/2 = 1 .5 x 1 0'“ years 
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Once again, the ratio of the abundance in a crystal of the two 
isotopes, ^°Ar/^K, provides a clue to the age of the crystal. Mica 
is a mineral that has been much studied in this type of mineral age 
estimation. Such estimates also tend to date the minerals as a few 
billion years old. Similar age figures are obtained from the natural 
radioactivity of rubidium. 

In conclusion, the agreement of all of these methods based upon 
radioactive decay furnishes a strong clue that the earth's crust as 
we know it today was formed about five billion years ago. 

21 -8 Radiocarbon Dating 

In the atmosphere, bombardment by neutrons from cosmic rays 
produces ’JC by the reaction 

’^N + J/j -> 'iC + iH 

The carbon nuclide has a half-life of 5570 years and decays in 
accord with 

The concentration of ’^C02 in the atmosphere is kept constant at 
1 radioatom per 10’^ stable carbon atoms by a steady-state balance 
of production, decay. Living plants and animals establish a balance 
with the atmospheric ’^C 02 so that they reach a stationary level 
of content. Upon death this balance is upset and the 
begins to decay without being replaced. Measurement of the 
radioabtivity in a specimen permits calculation of how long ago 
death took place. By such means it has been shown that the Dead 
Sea Scrolls are about two thousand years old with a precision 
of ±200 years. 

21-9 Isotopic Tagging 

Sometimes radioactive isotopes of convenient half-lives are not 
available. In these cases stable isotopes are used and their presence 
detected by a masjs spectrometer. Let us consider the reaction of 
esterification between an organic alcohol and an organic acid. The 
splitting of water between the alcohol and acid can occur in two 
ways. One method is by the mechanism 

0 0 

R-loH +H |o-C-R' R-O-C-R' + H OH 

: *--j 

in which the oxygen of the alcohol goes into the water molecule. 
The second possibility is by means of 

0 0 

RO-thThO -^C-R' — ► R-O-C-R' +HO H 

In which the alcohol oxygen finds a place in the ester molecule. 

In one common example, methyl alcohol Is tagged by using 
in its synthesis so that CHs^^OH is formed. When this alcohol is 
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reacted with benzoic acid, the mass spectrometer shows that the ^^0 
nucikte is in the ester and not in the water. This pair of chemicals 
reacts according to the second mechanism. 


Questions and Problems for Chapter 21 


1 

Describe the spectrum produced on a photographic 
plate irv a mass spectrograph if a mixture of the 
isotope of oxygen ^^0, and ’*0) is analyzed. 
Consider only the record for 1 + and 2+ ions. 

2 

Hydroxylamine, NH^OH, is subjected to electron bom- 
bardment. The products are passed through a mass 
spectrograph. The two pairs of lines formed indicatfrc 
charge/mass ratios of 0.0625, 0.0588 and 0.1250, 
0.11 76. How can this be interpreted ? 

3 

In a nuclear reaction of the type called "'nuclear 
fusion," two nuclei come together to form a larger 
nucleus. For example, deuterium nuclei, fH, and 
tritium nuclei, fH, can "fuse" to form helium nuclei, 
jHe, and a neutron : 

?H + ?H — ^He -{- Jn AH ^ -4.05 X 10^ kcal 

How many grams of hydrogen would have to be 
burned (to gaseous water) to liberate the same amount 
of heat as liberated by fusion of one mole of fH nuclei ? 
Express the answer in tons (1 ton = 9.07 X lO^g). 

4 

Write equations for the following reactions : 

(a) beta decay of ”JCf. 

(b) jrfpha decay of ?SFni. 

(c) the formation of ’USn by positron emission from 
an antimony isotope. 


The half-life of ?gFm is 4.5 days. What fraction of 
a mole of fermium would remain after 1 3.5 days (three 
ha»-lives)? 

$ 

The hah-Sfe of is 60 days. What p^^cent of original 
mdioacrivhy wooW be pfe»m after 360 day^ 


7 

The nuclide undergoes beta decay. 

(a) What stable nuclide is formed ? 

(b) Demonstrate the electron balance in the equation. 

(c) The mass difference between reactants and prod- 
ucts is 1.66 X 10“^g/mole. Calculate the total 
energy in kcal released in this process. 

s 

Fission of uranium gives a variety of fission products, 
including praseodymium, Pr. If the process by which 
praseodymium is formed gives ’JJPr and three neutrons, 
what is the other nuclear product? 

+ 0^ ^ 'sJPr + ? + 3 J/r 

9 

For the mass difference between products and 
reactants in the equation 

8lH + 8l/7~J-’j0 

is 0.137g/frK)le. Calculate the binding energy per 
nucleon in ^{0 as kcal per mole. 

10 

Which of the following reactions is most likely to have 
a heat effect of -505 kcal? Which would be 
-1.7 X 10* kcal? Which would be -f7.2 kcal? 

(SUifcW“^UF,(g) AH ^7 

(b) U(s) + 3F2(g)-->UF,(/) AH ^ 7 

(c) -f AH « ? 

11 

A piece of wood recently obtained from a living 
rrfant will give caibon having 15.2 ± 0.1 beta par- 
tides/min/gram. What age is a sample that gives 
3.8 beta particies/mm/gram ? 
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A DESCRIPTION OF A BURNING CANDLE 

A drawing of a burning candle is shown’ in the figure to the 
left. The candle is cylindrical in shape^ and has a diameter^ of 
about V 4 inch. The length of the candle was initially about eight 
inches^ and it changed slowl/ during observation, decreasing 
about half an inch in one hour^. The candle is made of a trans- 
lucenf, white® solid’ which has a slight odor’° and no taste”. It 
is soft enough to be scratched with the fingernail. There is a 
wick’® which extends from top to bottom’^ of the candle along Its 
central axis’^ and protrudes about half an Inch above the top of 
the candle’^ The wick is made of three strands of string braided 
together’^. 

A candle is lit by holding a source of flame close to the wick 
for a few seconds. Thereafter the source of flame can be removed 
and the flame sustains itself at the wick’®. The burning candle 
makes no sound”. While burning, the body of the candle remains 
cool to the touch“ except near the top. Within about half an inch 
from the top the candle is warm^’ (but not hot) and sufficiently 
soft to mold easily^®. The flame flickers in response to air currents®® 
and tends to become quite smoky while flickering®^ In the absence 
of air currents, the flame is of the form shown in the figure^ though 
it retains some movement at all times®^. The flame begins about 
’4 iSch above the top of the candle®* and at its base^tl^ flame has 
a blue tint®^. Immediately around the wick in a region about ’/4 Inch 
wide and extending about V 2 inch above the top of the wick®® the 
flame is dark®’. This dark region is roughly conical in shape®®. 
Around this zone and extending about half an inch above the dark 
zone is a region which emits yellow light®’, bright but not blinding®®. 
The flame has rather sharply defined sides®®, but a ragged top®*. The 
wick is white where it emerges from the candle®*, but from the base 
of the flame to the end of the wick®* it is black, appearing burnt, 
except for the last ’/i^ inch where it glows red®^. The wick curls 
over about ’4 inch from its end®®. As the candle becomes shorter, 
the wick shortens too, so as to extend roughly a constant length 
above the top of the candle®’. Heat is emitted by the flame*®, enough 
so that it becomes uncomfortable in ten or twenty seconds if one 
holds his finger ’4 inch to the side of the quiet flame*’ or three or 
four inches above the flame*®^*' 



The top of a quietly burning candie becomes wet with a colorless 
liquid^ and becomes bowl shaped^. If the flame is blown, one side 
of this bowl-shaped top may become liquid, and the liquid trapped 
in the bowl may drain down the candle's side^. As it course down, 
the colorless liquid cools^, becomes translucent^, and gradually 
solidifies from the outside", attaching itself to the side of the 
candle" In the absence of a draft, the candle can bum for hours 
without such dripping". Under these conditions, a stable pool 
of clear liquid remains in the bowl-shaped top of the candle^. The 
liquid rises slightly around the wick", wetting the base of the wick 
as high as the base of the flame". 


COMMENTS 

Several aspects of this description deserve specific mention. 

Compare your own description in each of the following charac- 
teristics. 

1. The description is comprehensive in qudlitative terms. Did you 
include mention of appearance? smell? taste? feel? sound? 
(Note ; A chemist quickly becomes reldctant to taste or smell an 
unknown chemical. A chemical should be considered to be 
poisonous unless it is known not to be I) 

2. Wherever possible, the description is stated quantitatively. This 
means the question "How much?" is answered (the quantity 
iS' specified). The remark that the flame emits yellow light is 
made more meaningful by the "how much" expression, "bright 
but not blinding." The statement that heat is emitted might lead 
a cautious investigator who is lighting a candle for the first time 
to stand in a concrete blockhouse one hundred yards away. 
The few words telling him "how much" heat would save him 
thisoverprecaution. 

3. The description does not presume the importance of an observa- 
tion. .Thus the observation that a burning candle does not emit 
sound deserves to be mentioned just as much as the observation 
that it does emit light 

4. The description does not confuse observations with interpre- 
tations. It Is an observation that the top of the burning candle 
is wet with a colorless liquid. It would be an interpretation to 
state the presumed composition of this liquid. 
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NAMES, FORMULAS, AND CHARGES OF SOME COMMON IONS 


POSITIVE IONS (CATIONS) 

NEGATIVE IONS (ANIONS) 

aluminum 


acetate 

CH3C00- 

ammonium 

NH4+ 

bromide 

Br“ 

barium 

Ba'+ 

carbonate 

cot 

calcium 

Ca’+ 

hydrogen carbonate ion, bicarbonate 

HC03- 

chromium(ll), chromous 

Ci^+ 

chlorate 

CIO,- 

chromiumiiil), chromic 

Ci^+ 

chloride 

cr 

coppef{l),* cuprous 

Cu+ 

chlorite 

ClOj” 

copp6r(li), cupric 

Cu^+ 

chromate 

CrO,^- 

hydrogen, hydronium 

H+ HjO-*- 

dichromate 

ChOt 

iron{II),* ferrous 

Fe*+ 

fluoride 

F" 

iron(IIl), ferric 

Fe’+ 

hydroxide 

OH- 

lead 

Pb'+ 

hypochlorite 

CIO-' 

lithium 

Li+ 

iodide 

r 

magnesium 


nitrate 

NO,- 

manganese(ll), manganous 

Mn*+ 

nitrite 

NO2*" 

mercury(l),* mercurous 


oxalate 

c,or 

mercury(li), mercuric 


hydrogen oxalate ion, binoxalate 

HCjO,- 

potassium 

K+ 

perchlorate 

CIO4- 

silver 

Ag+ 

permanganate 

MnO,- 

sodium 

Na+ 

phosphate 

PO4’- 

tin(Il),* stannous 

Sn'+ 

monohydrogen phosphate 

HPOr 

tin (IV)* stannic 

Sn^+ 

dihydrogen phosphate 

H2PO4- 

zinc 

Zn'+ 

sulfate 

SO4’- 



hydrogen sulfate ion, bisulfate 

HSO4- 



sulfide 

s^- 



hydrogen sulfide ion, bisulfide 

HS- 



sulfite 

so,'- 



hydrogen sulfite ion, bisulfite 

HSO,- 


* Aqueous 99kition$ are readily oxidized by air. 

in wiw coinpourKls the relative number of positive and negative ions is such that the sum of their electric charges is zero. 
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RELATIVE STRENGTHS OF ACIDS IN AQUEOUS 
SOLUTION AT ROOM TEMPERATURE 




All ions are equated 
H+(aq) +fi"(aq) /r* 


[HB] 


ACID 


perchloric acid 
hydroiodic acid 
hydrobromic acid 
hydrochloric acid 
nitric acid 
sulfuric acid 
hydrated hydrogen ion 
oxalic acid 

sulfurous acid (SO2 + H2O) 
hydrogen sulfate ion 
phosphoric acid 
ferric ion 

hydrogen telluride 
hydrofluoric acid 
nitrous acid 
hydrogen selenide 
chromic ion 
benzoic acid 
hydrogen oxalate ion 
acetic acid 
aluminum ion 
hydrogen telluride ion 
carbonic acid (CO2 + H2O} 
hydrogen sulfide 
dihydrogen phosphate ion 
hydrogen sulfite ion 
ammonium ion 
hydrogen carbonate ion 
hydrogen peroxide 
monohydrogen phosphate Ion 
hydrogen sulfide ion 
water 

hydroxide ion 
ammonia 



STRENGTH REACTION 


very lar^ 
very large 
very large 
very large 
very large 
large 
55.5 

5.4 X 10^* 
1 . 7 X 10 "* 
1.3X10"* 

7.1 X 10”* 

6 XtO”* 

2.3 X 10“* 
6J X 10"^ 

5.1 X 10"^ 

1.7 X 10-^ 

10 -* 

6.6 X 10"^ 

5.4 X 10-* 

1.8 X 

10 "® 

4.4 X 

1.0 X 10"' 
6;3 X 10"* 

6.2 X 10"* 

5.7 X lO""! 

4.7 X W” 

2.4 X 10^ 

4.4 X 10*^ 
.1.3 X tO"” 

1.8 JiT** 


HCIO.-^H+ + CIOr 
HI—»-H+ + r 
HBr—>H+ + Br- 
HCI—>H+ + Cr 
HN03-^H++ N03- 
H 2 S 04 -^ H+ + HSOr 
H 30 +->H++ HjO 
HOOCCOOH H+ + HOOCCOO" 
HjSOa— »-H+ + HSO3" 
HSOr-^ H+ + SO/" 
H 3 P 04 -^- H+ + H3PO4- 
Fe(H 30 )/+-> H+ + Fe(H 20 )j(OH/+ 
H 2 Te->H+ + HTe- 
HF—»-H+ + F- 
HN 02 -»H+ + N 02 " 
H2Se-^H+ + HSe- 
CrlHjO)/-"— H+ + Cr(H 20 )i(OH/+ 
C4H5COOH H + + C4H5COO- 

HOOCCOO"— ► + OOCCOO^" 

CH3COOH H + + CH3COO" 
AI(H20)/+ -> H + + AI(H20)5(0H)*+ 
HTe"—>H+ + Te^" 

H 2 CO 3 — »-H+ + HC03" 

H2P04“— ►H+ + HP 04 ^" 
HS03"^H+ + S03*" 
NH4+->H++ NHj 

HC 03 '—^H++C 03 *“ 

H2O2— ►H++ HOj" 
HP04^"— >■ H+ + PO4’" 
HS“—>H+ + S^" 
H20->H-^+0H- 
OH"— »-H++ 0 *" 
NH3^H++NH2" 


•/f,X W58.5)X 1.0-1 0->* 
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STANDARD OXIDATION POTENTIALS FOR HALF-REACTIONS 
IONIC CONCENTRATIONS, 1 M IN WATER AT 25" 

Ail ions are equated 



HALF-REACTION 

£" (volts) 

Li — *■ e~ + Li"'' 

3.00 

Rb — *■ e~ + Rb'*' 

2.92 , 

K— >e' +K+ 

2.92 

Cs — >-e" + Cs'*' 

2.92 

Ba->2e- + Ba*+ 

2.90 

Sr->2e- + Sr^+ 

2.89 

Ca->2e- + Ca®+ 

2.87 

Na — *-e~ + Na'*' 

2.71 

Mg-^2e- + Mg^+ 

2.37 

AI-^3e- + AI’+ 

•1.66 

Mn->2e-+Mn^+ 

1.18 

H2(g) +20H--^2e- + 2H20 

0.83 

Zn— ►2e- + Zn^+ 

0.76 

Cr-^3e" + Cr’+ 

0.74 

HjTe->2e" + y,Te8 + 2H + 

0.72 

2 Ag -f* ^ 2 a Ag2S 

0.69 

Fe— >-2e"+ Fe^-^ 

0.44 

H2(g)->2e-+2H+(10-^/M) 

0.414 

Cr^+— »-«- +01^+ 

0.41 

H2Se->2e- + %See + 2H+ 

0.40 

Pb + SO/"— »-2e-+PbS04 

0.36 

Co— >“2e-+Co^+ 

0.28 

Ni-^2e-+ NP+ 

0.25 

Sn^2e- + Sn'+ 

0.14 

Pb->2e-+ Pb*+ 

0.13 

H2(g)->2e- + 2H+ 

0.00 

H2S(g)->2e- + ’/,S, + 2H+ 

-0.14 

Sn2+— >2e- + Sn‘+ 

-0.15 

Cu+->e” • + Cu*+ 

-0.15 

SOjIg) + 2 H2O — ► 2 a- + SO4*- + 4 H + 

-0.17 

Cu^2a- + Cu=+ 

-0.34 

Cu— >a" +Cu+ 

-0.52 

21“— >2e- + l2 

-0.53 

^202“^ 2 a +P2(g)+2H^ 

-0.68 


I 





HALF-REACTION 

f “ (volts) 


Fe 2 + 

— > 

6 ~ 

+ 

Fe^+ 

-0.77 

NOaCg) + H 2 O 

— >■ 

e~ 

+ 

N 03 ~ + 2 H + 

-0.78 


Hg(/) 

— >■ 

2e- 

■ + 

Hg 2 + 

-0.78 


Hg(/) 

— ► 

e~ 

+ 

%Hg 2 ^+ 

-0.79 


Ag 

— *■ 

e~ 

+ 

Ag-^ 

-0.80 


H 2 O 

— ^ 

2e- 

■ + 

V 2 02 (g) -H2H+(10-7M) 

-0.815 

NO(g) 

+ 2 H 2 O 

— ^ 

3e- 

■ + 

NO 3 - + 4 H+ 

-0.96 

Au 

+ 4 cr 

‘ — > 

3e' 

■ + 

AUCI 4 - 

- 1.00 


2 Br 

— ► 

2 e- 

‘ + 

Br 2 (/) 

-1.06 


H 20 

— 

2 e- 

■ + 

V 2 02 (g)+ 2 H + 

-1.23 

+ 2 H 20 

— > 

2 e“ 

■ + 

Mn 02 + 4H + 

-1.28 

2 Cr=*+ 

+ 7 H 20 

— > 

6 e- 

■ + 

Cr 207 ^- + 14H + 

-1.33 


2 cr 

— > 

2e- 

■ + 

Cl 2 (g) 

-1.36 


Au 

— >■ 

3e“ 

■ + 

Au®+ 

-1.50 


+ 4 H 20 

— >- 

5e“ 

■ + 

MnOr-f 8H + 

-1.52 

PbS04 

+ 2 H 20 

— >■ 

2e- 

■ + 

4 H + -f SO 4 "- -H PbOj 

-1.68 


2 H 20 

— ► 

2e- 

■ + 

H 2 O 2 + 2 H + 

-1.77 


2 F- 

— ► 

2e- 

■ + 

F2(g) 

-2.87 
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Symbols 
and Abbreviations 


Page numbers refer to the first reference. See inside 

n 

neutron, 135 

back cover for symbols for elements. 

n 

principal quantum number, 145 

A 

mass number, 135 

N 

Avogadro's number, particles/mole. 

0 

A 

Angstrom, 10’* cm, 143 


6,0 X 10^*, 32 

(aq) 

indicates an ion is aquated, 92 

N 

number of neutrons in a nucleus, 1 37 

atm 

atmosphere (pressure unit), 7 

Ox. no. 

Oxidation number, 306 

c 

velocityof light, 137 

P 

type of orbital, 1 48 

“C 

Celsius degree, 7 

porp+ 

proton, 91 

e 

charge on electron, 129 

P 

pressure, 12 

e” 

electron, 91 

R 

general alkyl group, 358 

f 

energy, 125 

s 

type of orbital, 1 47 

P 

dectrical potential, 289 

is) 

indicates solid phase, 76 

9 

gram, 16 

STP 

standard temperature and pressure 

(g) 

Indicates gas phase, 76 


(0®C and 1 atm), 7 

/t 

Planck's constant. 

t 

temperature, C, 1 0 

H 

heat content, 195 

T 

temperature, ®K, 57 

/£ 

ionization energy, 1 60 

Tu2 

half-life, 417 

•K 

Kelvin, or absolute degree, 57 

V 

volume, 12 

K 

equilibrium constant, 240 

z 

atomic number, number of protons in 

K, 

equilibrium constant for acid ionization, 266 


nucleus, 1 37 


solubility product, 242 

A (delta) 

change, 14 

K, 

ion product of water, 241 

X (lambda) wavelength, 1 23 

kcal 

kBocaiorie, 43 

V (nu) 

frequency, 1 23 

KE 

kinetic energy, 60 

a (alpha) 

particles, He^^ 132 

W 

indicates liquid phase, 74 

P or iS’ (beta) particles, e”, 1 32 

m 

mass of the electron, 1 29 

T (gamma) radiation, 132 

M 

moterrty, moles/fiter, 86 

0 

empty orbital, 151 

wH 

11^1^1^,13 

00 

half -filled orbitals, 151 

rmn 


0 

filled orbital, 151 



Index 


Absolute scale, 57 
Absolute temperature, 57 
Kelvin scale, 57 
Absolute zero, 57, 60 
Abundance in nature 
elements, 397 
isotopes, 136, 412 
Acetaldehyde structure, 359 
Acetamide, 362 
Acetanilide, 365 
Acetic acid, 360 
in biochemistry, 378 
structure, 360, 365 
Acetone 
structure, 362 
Acetylene, 357 
Acid*base, 255 
Arrhenius theory, 256 
Bronited-Lowry theory, 264 
definition, 95, 256, 264 
indicators, 95, 263, 365 
neutralization reaction, 258 
pairs, 265 
reactions, 95, 258 
titrations, 262 
Acid catalysis, 220 
Acids, 95, 255 
aqueous, 255 
carboxylic, 360 
derivatives of organic, 362 
equilibrium calculations, 260, 265 
experimental introduction, 95, 255 
names of common, 95, 255 
properties of acidic solutions, 95 
relative strengths, 257, 265, 267, App. 3 
strong, 257 
weak, 257 
Acid salt, 96, 257 
Activated complex, 213 
Activation energy, 212 
for catalyzed reaction, 21 7 
Activities of science, 2, 16 
Addition polymers, 369 
Additivity of reaction heats, 1 98 
Adipic acid, 370 
Adsorption, 222 
Age 

of earth, 425 
of sun, 424 


Air, composition, 83 
Alanine, 375 
Alcohols, 358 
oxidation of, 359, 362 
Aldehydes, 359 
Alkali elements. Ill 
electron configuration, 171 
ionic-bonds, 94, 114 
properties, 112-114 
reactions, 114 

Alkaline earth ions, 100 fProb. 33) 
Alkanes, 182 
Alkenes, 191 (Prob. 24) 

Alkyl group, 358 
Alkynes,191 (Prob. 25) 

Alloys, 84, 346 
. Atnico, 346 
Alpha carbon atoms, 375 
Alpha decay, 132, 415 
Alpha particle, 132 
scattering, 133 
Aluminum 

hydroxide, 254 (Prob. 32), 273 
ionization energies, 159 
metallic solid, 340 
preparation, 299, 300 
reducing agent, 293 
Amides, 362 
Amines, 361 
Amino acids, 375 
Ammeter, 286, 297 
Ammonia 
a base, 256, 258 

boiling ternperature, 70 (Prob. 23) 
complexes,' 240, 402 
freezing temperature, 58 
Haber process for, 224 (Prob. 10), 237 
and hydrogen chloride, 24 
, Inversion, 219 
model of, 30 
molar volume, 57, 65 
molecular size, 67 
- oxidation of, 47 
production, 21, 237 
properties, 67 
P-T behavior, 58 
P-V behavior, 21 
solubility, 5 
V*T behavior, 57 


monium hydroxide, 95 
pare, 287, 300 
iphiprotic, 273 
Anatof^ 

bglls in plastic box, 9 
bowling, 2U 217 
bumpy ro^, 321 
cart and spring, 72 
dartboard, 147 
gas pressure, 9 
golf ball, 246 
lost child, 3 
staircase, 142 
station-wagon, 246 
water-electrical, 287 
water wave, 123 
Anderson, C. D., 41 ^ 

Angstrom, 143 
Aniline, 365 . 

Anions. 93, 282 
Anode, 121, 281 
Antifreeze,- 86 
Antimatter. 422 
(Aq) notation, 92 
Aqueous, 92 
Aqueous solutions 
of acids, 95, 255 
of bases, 95, 255 

electrical conductivity of, 89, 92, 257 
of electrolytes, 95, 257 
precipitation reactions in, 97 
Argon 

boiling temperature, 109 
ionization energy, 106, 109, 111 
melting temperature, 109 
occurrence in air, 83 
production in Ui S., 83 
properties, 109 
Aromatic compounds, 365 
Arrhenius, Svante, 256 
Asbestos, 341 
Aspirin, 366 
Astatine, see Halogens 
Astronaut, 54 (Prob. 31) 

Atmosphere 
composidon, 83 
one, 7 

Atmospheric pfwsure, 7 
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Atom 

average radius, 138 (Prob. 11) 

Bohr's model, 144 
mass and charge of parts, 135 
nuclear model, 1 33 
Rutherford's model, 133 
structure, 135 
Thomson's model, 1 30 
Atomic bomb, 420 
Atomic hydrogen spectrum, 126, 143 
Atomic models (historical), 129 
Atomic number, 135, 146, 412 
table, inside back cover 
Atomic orbitals, 147 
Atomic theory, 20, 27, 1 03 
Atomic volume, see Molar volume 
Atomic weight, see Molar mass 
Atoms, 10 
conservation of, 44 
electrical nature of, 90 
Avogadro, Amadeo 
hypothesis, 25 
number, 32 

number, calculation of, 413 (Ex, 21-2) 

Balancing equations, 45 
by half-reactions, 302 
by inspection, 301 
oxidation -reduction, 283 
Ball-bearing model of a gas, 9 
Balmer, J. J., 126 
Barium hydroxide, 95 
Barometer, 7 
Bases, 95, 256 
Arrhenius theory, 256 
Brjilnsted- Lowry theory, 264 
common, 95, 256 
properties of basic solutions, 95 
relative strengths, 265, 267, App. 3 
Battery, storage 
lead, 294 

used in satellites, 295 
Becquerel, H., 132, 410 
Bends, the, 37 (Prob. 2) 

Benzene, 363 
derivatives, 363, 368 
modification of functional group, 366 
representation of, 364 
substitution reactions, 364 
Beryllium 

bonthng capacity, 177 
electron configuration, 1 55 
ionization energies, 160 
Beryllium difluoride, dipoles in, 330 
Beta decay, 41 5 
Beta rays, 132 

Bicarbonate ion, see Hydrogen carbonate 
ion 

Bidentate, 403 

Binding energy per nucleon, 423 
Biochemistry, 222, 370 
Blast furnace, 405 
Body-centered cubic packing, 344 


Bohr, Niels, 140 
model of atom, 144 
Boiling temperature, 75, 79 
alkali elements, 112 
carbon halides, 186 
elevation, 85 
halogens, 1 1 5, 1 85 
hydrides, 186 
liquids, 68 (Prob. 12) 
noble gases, 1 09, 1 1 2, 1 85 
pure substances, table, 76, 109, 336, 
398 

solutions, 84 
transition elements, 398 
Bond 
angle, 332 

arrangements and dipoles, 330 
chemical, 31, 167 
covalent, see Covalent bond 
covalent and Ionic contrasted, 1 72, 1 88 
covalent and network solids, 339 
dipole, 330 
double, 182 
energy, 322 

energy of halogens, 384 
hydrogen, see Hydrogen bond 
infrared identification, 322 
ionic, see Ionic bond 
length, 174 

reason for forming, 167, 174 
stability, 1 69 

stability and acid strength, 388 
triple, 184 

types in fluorine compounds, 391 
Bonding 

In ammonia, 179 

capacity and molecular shape, 333 
electron dot representations, 1 75 
electrons, 178 
in fluorine, 176 

in gaseous lithium fluoride, 330 
in hydrocarbons, 181 
in hydrogen, 1 75 
in hydrogen fluoride, 176 
in hydrogen peroxide, 178 
in isoelectronic species, 180 
metallic, 342 
in methane, 179 
orbital representation, 174 
in oxygen molecule, 183 
p\ 332 
p^ 332 

representations, 175 
sp, 331 
sp2, 332 
sp\ 332 
tetrahedral, 332 
in water, 177 

Bonding capacity, second-row elements, 
177 
Boron 

bonding capacity, 177 

ionization energies, 159, 1 66 (Prob. 1 5) 


Boron nitride structure, 340 (Ex. 17-7) 
Boron tnfluoride, dipoles in, 332 
Boyle's Law, 20 

Brackets, concentration notation, 229 
Brass, 346 
Bromine 
preparation, 384 
properties, 1 1 5, 384, 387 
uses, 389 , 

Bronsted- Lowry theory, 264 
Bronze, 346 

Bumpy road analogy, 321 
Buret, gas, 8 
Burning candle, App. 1 
Butane, properties, 182, 336 
/so-Butane, properties, 182, 336 
Butanol, 360 (Ex. 18-5) 

Butyric acid, 360 


Calcium 

electron configuration, 163 
ionization energy, 105, 159 
occurrence, 1 05 
Calcium hydride, 69 (Prob 18) 

Calcium hydroxide, 69 (Prob. 18) 
Calculations 

based on chemical equations, 48 
of HsO^ concentration, 259, 270 
mass-liquid volume, 87 
Californium, 421 
Calorie, 43 
Calorimeter, 197 
Canal rays, 1 29 

Candle, description of burning, App. 1 

Carbohydrates, 371 

Carbon 

alpha (a), 375 
bonding in, 332 
compounds, sources of, 355 
covalent radius, 138 (Prob. 8) 
dating, 427 

electron configuration, 155 
ionization energy, 1 59 
isotopes, 421 
Carbonates, 356 
Carbon dioxide, 79 
in air, 83 

Carbon monoxide 
absorption by hemoglobin, 404 
boiling temperature, 70 
molar volume, 70 
poisoning, 404 

Carbon tetrabromide, properties, 1 86, 385 
Carbon tetrachloride, properties, 1 86 
Carbon tetrafluoride 
dipole in, 332 
properties, 1 86, 385 

Carbon tetraiodide, properties, 186, 385 
Carbonyl group, 359 
Carboxyl group, 360 
Carboxylic acid, 360 
Catalysis, acid, 220-222 
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Catalysts, 216 
action of, 21 6 
enzymes, 222 
and equilibrium, 235 
Cathode, 121, 282 
rays, 1 27 
Cations, 92, 282 
Cavendish, H., 108 
Cell, 90 
dry, 294 

electrochemical, 278, 294 
fuel, 296 
Cellulose, 373 
structure, 374 
Celsius temperature, 7 
relation to “K, 57 
Cement, 407 

Centigrade temperature, 7 
Cesium, properties, 112 
Chadwick, J., 146, 419 
Chain reaction, 219, 423 
Chalcocite, 51 (Prob. 5e) 

Charge 

of common ions, App. 2 
conservation of, 301 
electric, 89 
electron, 129 
positive, 89 
separation, 329 
unit of electricity, 90 
Charge/mass ratio of electrons, 1 28 
Chemical bonding, 1 67 
Chemical bonds, 31, 167 
Chemical equations, see Equations 
Chemical equilibrium, law of, 240 
Chemical family, 1 06 
Chemical formulas, 29 
Chemical symbols. Inside back cover 
Chloric acid, 388 
Chlorides 
chemistry of, 117 
of alkali elements, 114 
Chlorine « 

boiling temperature, 70, 1 1 5, 384 
color, 4, 1 1 5 
covalent radius, 384 
electron configuration, 154 
heat of fusion, 75 
heat of vaporization, 76 
ionic radius, 384-386 
ionization energy, 115 
melting temperature, 1 1 5 
molar volume, 70 (Prob. 23) 
oxyacids, 273-274, 388 
preparation, 383 
properties, 1 1 6, 384, 387 
solubility, 4, 6 
use, 389 

van der Waals radius, 384 
Chlorophyll 
structure, 404 
Chlorous acid, 388 

Chromate-dichromate equilibrium, 234 


Chromate ion, 400 
Chromates, solubility, 243 
Chromium 
complex ions, 401 
compounds, 401-403 
electron configuration, 395 
oxidation numbers, 401 
properties, 398 
Cis-trans isomerism, 402 
Citric acid, 378 
Closed system, 228 
Closest packing, 343 
Coal, 355, 423 
Coal tar, 355 
Cobalt 

electron configuration, 395 
oxidation numbers, 401 
properties, 398 
Cockcroft, J. D., 419 
Coke, 192, 355 
Collision theory, 208 
concentration effect, 208 
molecular inversion, 218 
temperature effect, 210 
Color, 123 ' 

Communicating scientific information, 10 
Combining volumes, 23 
Combustion, see Heat of 
Complex ions, 401-404 
Compounds, 27 
number of, 356 
Concentration, 86 
effect on reaction rate, 208 
and equilibrium, 233 
and Le Chatelier's Principle, 236 
molar, 86 
pH, 263 

of solids in equilibria expressions, 242 
of water in equilibria expressions, 241 
Concentration and f®, 289 
Conceptual definition, 256 
Condensation polymers, 369 
Condensed phases, 73 
electrical properties, 92 
Conductivity, electrical 
alloys, 347 

defining acid strength, 257 
in fused salts, 94 
in gases, 121 
in metals, 345 
of molecular solids, 337 
of solids, 347 
in water solutions, 89, 348 
Conservation 
of atoms, 44 
of charge, 301, 414 
of energy, 201 
of matter, 44 
of nucleons, 414 
Coordination number, 403 
Copper 

alloys, conductivity of, 347 
ammonia complex, 403 


Copper (continued) 
atomic radius, 398 
electron configuration, 395 
heat of fusion, 75 
heat of vaporization, 76 
melting temperature, 94 
occurrence, 51 (Prob. Se) 
oxidation numbers, 401 
properties, 398 
refining, 298 
Corrosion of iron, 296 
Coulomb, 286, 300 

Coulombic repulsion around nucleus, 418 
Covalent bonds, 172-179 
families of compounds containir^, 180 
vs ionic, 172, 188 
and network solids, 338 
Covalent radius, 385 
of halogens, 384 
Crystal 

ionic, 94, 343 
metal, 343 
molecular, 95, 337 
Crystalline solid, 73 
Crystallization, 
and equilibrium, 230 

Cubic closest-packing (face-centered 
cubic), 344 

Curie, Marie and Pierre, 410 
Cyclotron, 418 

d orbitals, 148, 395 
Dacron, 369, 381 (Prob. 23) 

Dalton, John 
atomic theory, 27, 103 
Dartboard analogy, 147 
Dating by radioactivity, 425-427 
Daughter element, 416 
Dead Sea scrolls, dating 427 
Decane, 27 (Prob. 25) 

Decomposition 
of formic acid, 220-222 
of water, 43 
Definitions 
conceptual, 256, 264 
experiment, 2 
operational, 255 
See word of interest 
Degree 
Celsius, 7 
Centigrade, 7 
Kelvin, 57 

Degree of ionization, 257 
Delta G (AG), 249 
Delta H (AW), 195 
Delta S (AS), 249 
Delta t (Af), 14 
Density 

alkali elements, 112 
transition elements, 398 
Derived quantity, 14 
Deuterium, 424 
Diaminohexane, 370 
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Diamond 
structure, 333 
synthetic, 237 
Diatomic, 30 

Dichromate ion, structure, 400 
Diethyl ether, 354 (Prob. 23) 
Diffraction, methods, 321 
Diffusion, 56 
Dipoles, 323-333 
addition of, 331-332 
of ionic bond, 329 
molecular, 330 
and molecular shape, 330 
momentary, 334 
and solvent properties, 348 
Disacchandes, 372 
Discharge tube, 121 
Dissolving rate, 230 
Distillation, 85 
Distribution curve, 61 
Double arrows, use of, 230 
Double bonds, 182 
Dry cells, 90, 294 
Dry Ice, 79 

Dynamic nature of equilibrium, 230 


422 

r,289 

table, 291, App.4 
Earth, age of, 425 
Einstein, Albert, 422 
Elastic collision, 73 
Electrical attraction and repulsion, 90 
Electrical nature of atoms, 90 
Electrical phenomena, 89 
Electrical pressure, 288 
Electrical properties of condensed phases, 
92 

Electric charge, 89, 90 
Electric conductivity, see Conductivity 
Electric current, 92, 287 
Electnc dipole, see Dipoles 
Electric discharge in gases, 121 
Electric forces, 167 
Electricity, unit charge of, 90 
Electrochemical cell 
chemistry of, 278 
operation, 280 
standard half cell, 289 
storage batteries and, 294 
voltage of, 289 
Electrodes, 121, 281 
Electrolysis, 297 
a);^aratus, 297 
cells, 298 

of copper solutions, 298 
qu«itltative relations, 299 
^ water, 43 
Efectrofytes, 95, 255 
strong, 257, 279 
weak, 257 


Electrolytic conduction, see Conductivity, 
electrical 

Electrolytic process, 297 
Electromagnetic energy spectrum, 125 
Electron, 90, 127-129 
behavior in magnetic field, 127 
behavior in metals, 342, 345 
capture, 426 
charge, 90, 129 
charge/mass ratio, 128-129 
competition for, 285 
deflection, 128 
density, 173 
diffraction of, 321 
discovery of, 127 
evidence for existence, 127 
exchange, 173 
localized, 337 
losing tendency, 289 
mass of, 129 
nonlocalized, 342 
"sea" of, 342 
sharing, 173 
transfer, 285 
valence, 161 

van der Waals forces and, 335 
Electron configuration, 151-157, 170 
Electron dot representation of chemical 
bonding, 175,179 

Electron populations of noble gases, 146 
Electron-proton model, 90 
Elements, 27 
abundance, 136, 398 
covalent solids formed by, 338 
daughter, 41 6 
discovery, 28 

information on first twenty-one, 105 
known to ancients, 2 
metallic solids formed by, 340 
metals, 343 

molecular solids formed by, 337 
naming, 28 

network solids formed by, 339 
parent, 41 6 

symbols, 28, Inside back cover 
ejm, 128-129 

Empirical formula, 35, 94, 314 
Endothermic reaction, 43, 195, 204 
Energy 

activation, 212 
binding, 422, 423 
changes, 202 
conservation, 201 
effect on equilibrium, 249 
of hydrogen bond, 349 
kinetic, see Kinetic energy 
law of conservation of, 201 
of light, 125 

and molecular structure, 320 
of motion, see Kinetic energy 
nuclear, 413, 422 
of position, see Potential energy 
potential, see Potential energy 


Energy (continued) 
sources in nature, 376 
stored In molecules, 1 94 
stored in the nucleus, 422 
Energy levels 
of the H atom, 149 
of many-electron atoms, 150 
staircase analogy, 142 
Entropy change, 250 
Enzymes, 222, 376 
Equations 
balancing, 45 

calculations based upon, 48 
chemical, 44 
for straight line, 57 
writing, 45 
Equilibrium 
altering, 232 
application of, 237 
attainment of, 227 
calculations, 242 
and chemical reactions, 231 
crystallization and, 228 
dynamic nature of, 230 
effect of catalyst, 235 
effect of concentration, 233 
effect of energy, 249 
effect of pressure, 234 
effect of randomness, 249 
effect of temperature, 234 
factors determining, 245 
law of chemical, 240 
and Le Chatelier's Principle, 236 
liquid-gas, 77, 230 
qualitative aspects of, 227 
quantitative aspects of, 238 
and rate, 230 
recognizing, 229 
solid-vapor, 79 
solubility, 228, 242 
state of, 227 
sugars, 372 
thermal, 59 

use of double arrows, 230 
Equilibrium constant, 238-243, 253 
acids, table, 267, App. 3 
experimental determination, 269 
pressure used for concentration, 253 
(Prob. 20) 

solubility product, table, 243 
table, 240, 242 
water, 241 

Equilibrium Law Expression, table, 240 
Equivalence point, 262 
Escape velocity, 65 
Esters, 362 

Ethane, 181, 314, 357 
properties, 182, 336 
Ethanol, 191, 358 

determining structural formula, 314-317 
vapor pre$8ure, 78 
fthyl acetamide, 362 
Eth^amine, 361, 362 
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Ethyl bromide/ 319 

Ethylene, 183, 357 

Ethylene glycol, 369 

Ethyl group, 358 

Ethyl mercaptan, 328 (Prob. 12) 

Exothermic reaction, 43, 195, 204 

Experiment, 2 

Experimental errors, see Uncertainty 
f zero, 289 
table, 291, App. 4 


f orbitals, 163 

Fable, lost child in woods, 3 
Face-centered cubic packing, 94, 344 
Faraday, Michael, 299, 300 
Faraday unit defined, 300 
Ferric chloride, 99 (Prob. 22) 

Fission, nuclear, 420 
Fixed nitrogen, 237 
Fluorescence, 121, 132 
Fluorides 

bonding capacity, 177 
of second-row elements, melting and 
boiling temperatures, 177, 330 
orbitals, 330 
shape, 330-333 
Fluorine 

bonding, 176, 330 
electron configuration, 155 
electron dot representation, 176 
orbital representation, 153 
preparation, 384 
properties, 1 1 5, 334, 384, 387 
uses, 389 

Fluorine compounds, bond type, 330, 391 
Fluorine oxide, 332 
Fluorocarbons, 391, 

Fool's gold, 51 (Prob.Sf) 

Force, electric, 89 
Formaldehyde, 47, 359 
Formic acid 

catalytic decomposition, 221 
structure, 360 
Formula 
chemical, 29 
empirical, 35, 314 
molecular, 30, 314 
structural, 31, 314 
Fourth row of periodic table, 1 62 
Fractional crystallization, 410 
Free energy change, 249 
Freezing temperature lowering, 85 
Frequency of light, 123 
relation to wavelength, 137 (Prob. 2) 
Fructose, 372 
Fuel cell, 296 
Functional groups, 358 
Fusion, molar heat of, 74 
pure substances, table, 75 
Fusion, nuclear, 420, 424 


Gallium 

electron configuration, 1 63 
properties, 104 
Gamma decay, 41 5 
Gamma rays, 132 
Gas 
buret, 8 
diffusion, 56 
kinetic theory of, 61 
liquid-gas phase change, 75 
mass per liter, 26 
measuring pressure, 6 
model of, 9, 21 
molar mass, 32 

molar volume, 57, 65, 70 (Prob. 23) 

natural, 53 (Prob. 22) 

nature of, 61 

noble, 84, 108 

pressure, 7 

pressure, analogy, 9 

P-T regularity, 58 

P-V regularity, 55 

properties of, 4 

reacting volumes, 23 

solubility, 5 

V-T regularity, 56 

Gasoline, 54 (Prob. 24), 69 (Prob. 20) 
Geometry 

molecular, 330-333 
of complex Ions, 402 
tetrahedral, 332 
Germanium, properties, 104 
Glass, manufacture of, 54 (Prob. 28) 
Glucose, 371 
Glyceraldehyde, 377 
Glyceric acid, 377 
Glycine, 375 
Gold, alloy, 84 
Golf ball analogy, 246 
Graphite, structure, 339 
Graphs, 10, 11 


h (Planck's constant), 125 
/y and A//, 195 

calculation of, 259 
H'^(aq), special role, 259, 270 
Haber process, 237 
Half-cell potentials 
measuring, 289 
standard, 291 
table of, 291, App. 4 
Half-cell reactions, 280, 291, App. 4 
Half-life, 417,425 
Half-reaction, 280 
balancing, 280, 303 
potentials, 289, 291, App. 4 
Halide ions, 117 
Halogens, 115,382 
chemistry of, 117 
compounds of, 389 
covalent radius, 385 


Halogens (continued) 
electron configuration, 157 
ionization energies, 115 
oxidation -reduction, 386 
oxyacids, 388 
preparation, 383 
properties, 11 5, 383 
sizes of atoms and ions, 385 
uses, 389 

Hardness of metals and alloys, 346 
Heat content, 194 
Heat of combustion 
acetylene, 206 
aluminum, 205 (Prob. 15) 
diamond, 205 (Prob. 14) 
ethane, 205 (Prob. 13) 
graphite, 205 (Prob. 14) 
hydrazine, 54 (Prob. 27) 
hydrogen, 198 

hydrogen chloride, 252 (Prob. 15) 

methane, 200 

nitric oxide, 252 (Prob. 16) 

Heat of melting, 74 
Heat of reaction, 195, 214 
additivity, 198 

between elements, table, 198 
measurement, 197 
Heat of reaction to form 
ammonia, 198 
carbon dioxide, 194 
carbon monoxide, 194 
C0+H2,193 
H atoms, 205 (Prob. 9) 
hydrogen bromide, 205 (Prob. 12) 
hydrogen chloride, 251 
hydrogen iodide, 214 
Iron(ill) oxide, 254 
magnesium oxide, 206 (Prob. 20) 
methanol,' 206 (Prob. 22) 

NO, 199 

sulfur dioxide, 198 
sulfur trioxide, 206 (Prob. 21) 
sulfuric acid, 206 (Prob. 19} 
table, 198 
water, 198 

Heat of solution, CHCI 3 in acetone, 254 
(Prob. 36) 

Heat of vaporization, 76 
Helium 

boiling temperature, 70, 109 
interaction between atoms, 175 
ionization energies, 105, 109, 160 
ions and a-decay, 415 
mehing temperature, 110 
molar volume, 70 
in radioactive decay, 41 6 
on Sun, 108 
Hematite, 405 
Hemin, structure of, 404 
Hemoglobin, 404 
Heterogeneous systems, 89 
Hexagonal closest-paddrvg, 3^ 
Homogeneous systems^83 
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Hydration of ions, 349 
Hydrazine, 51, 54, 180 
Hydrides of first 21 elements, 105 
Hydrocarbons 
properties, 182 
reactions of, 357 
saturated, 182 
unsaturated, 183, 357 
Hydrochloric acid, 95 
Hydrofluoric acid, Ka, 391 
Hydrogen 
bonding in, 1 75 
energy level scheme, 149 
formation, 69 (Prob. 18) 
freezing temperature, 68 (Prob. 12) 
fusion, 420 

heat of combustion, 198 
ion, and weak acids, 257 
ion (aqueous), 118 
ion as catalyst, 220 
ion, competition for, 264 
ion concentration, calculation of, 259 
ion, hydrated form, 118, 257 
ion, nature of, 257, 259 
isotopes, 136, 424 
nature of, 257, 259 
properties, 5 
Hydrogen atom, 142 
energy levels of, 149 
heat of reaction to form, 205 (Prob. 9) 
ionization energy of, 141 
light emitted by, 125 
orbitals, 147 

periodic table position, 106 
quantum mechanics and, 145 
quantum numbers, 147 
spectrum of, 125, 143 
Hydrogen bomb, 420 
H\^rogen bonds, 185-188, 349 
in acid-base reactions, 265 
energy of, 349 
fluorine and, 391 
nature of, 185, 349-351 
and proteins, 376 
representation of, 187, 350 
significance of, 185 
Hydrogen bromide 
properties, 186-187 
Hydrogen carbonate ion (figure), 268 
Hydrogen chloride 
ammonia mixture, 24 
heat of oxidation, 252 
hfi^ of reaction to form, 251 (Prob. 6) 
P-V relation, 21 
properties, 70, 95, 186 
sorKi,95 

^Hydrogen fluoride 
b©n^176,187 
properties, 1^187 
Hpdie§en halides, 118 
Ify^oieit properties, 186, 198 

ifydiogen b^ng, 177 
Hydlo^ ^eNivde, proper^ 186-187 


Hydrogen sulfide, properties, 186-187 
Hydrogen telluride, properties, 186-187 
Hydroquinone, 368 
Hydroxide ion, 114 

Hydroxides of third-row elements, 273 
Hydroxylamine, 428 (Prob. 2) 

Hydroxyl group, 371 
Hypo, 390 

Hypochlorous acid, structure, 388 
Hypophosphorous acid, 328 


Ice 

bonds m, 350 
density, 68 
melting of, 74 
structure, 74, 350 
vapor pressure, 79 
Indicators, 263 
acid-base, 263 
litmus, 95, 263 
methyl orange, 365 
inert gas, see Noble gas 
Information, communicating, 10 
Infrared, 1 24 
Inversion, molecular, 218 
Iodine 

preparation, 384 
properties of, 115, 384 
solubility in ethanol-water, 228 
uses, 389 
Ion, 91, 93 

names, formulas, charges of common, 
App.2 

product, water, 259 
spectator, 258 
Ionic bond, 114, 168-172 
in alkali metal halides, 114, 170 
vs covalent, 172, 188 
dipole of, 329 
and potential energy, 169 
Ionic crystal, 94 
Ionic radius, 386 
Ionic solids, 94, 168, 347 
electrical conductivity, 94, 169, 348 
oroperties, 169 

solubility in water, 92, 97, 348 
stability of, 169 
structure, 348 
Ionization 
chlorine, 157 
degree of, 257 
fluorine, 157 
lithium, 156-158 
sodium, 157 

Ionization energy, 91, 106, 141 
and acidic properties, 272 
alkali elements, 112-113 
figure showing, 108 
of first 20 elements, 160 
halogens, 115 


Ionization energy (continued) 
and the hydrogen spectrum, 141 
measurement of, 158 
noble gases, 109, 113 
and numerical order of elements, 1 08 
and the Periodic Table, 105, 158 
successive, 1 60 
table of, 105, 159, 398 
transition elements, 398 
trends, 159 

and valence electrons, 161 
Iron, 404 

complex with cyanide, 407 
complex with oxalate, 403 
crystal structure, 408 
electron configuration, 395 
manufacture of, 405 
occurrence, 51 (Prob. 5f) 405 
oxidation numbers, 401 
production, 407 
properties, 398 

protection by Sn, Zn, Mg, 296 
rusting of, 296 

Iron(HI) oxide, heat of reaction to form, 
254 

Iron pyrites, 51 (Prob. 5f) 

Isoelectronic, 157, 179-184 
Isomers, 181, 357 
c/s- and trans-, 402 
of complex ions, 402 
of CaH^O, 318 
structural, 318 
/so- prefix, 181 
Isotopes, 136, 410 
and mass number, 136 
and mass spectrograph, 41 1 
tagging, 427 

vital statistics, table, 136, 421 


/r,240 

magnitude, 241 
table, 240 
/Ca,266 

determination, 269 
table, 267, App. 3 
uses, 268-270 
J(h>. 242 
table, 243 
/Tw, 241, 259 
Kekule, August, 312 
Kelvin temperature scale, 57 
relation to °C, 57 
Ketones, 361 
Kilocalorie, 43 
Kinetic energy, 60 

comparison with activation energy, 213 

distribution, 211 

formula for, 60 

vs potential energy, 72 

relation to phases, 71 

relation to temperature, 60 
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Kinetic theory, 61, 71 
of gases, 61 
review, 66 
vapor pressure, 78 
Knudsen cell, 69 (Prob. 22) 
Krypton 

electron configuration, 1 63 
properties, 1 09 


Lanthanide elements, 1 63 
Lattice, 94 
Laws, 20 

additivity of reaction heats, 1 98 
Boyle's, 20 

chemical equilibrium, 240 
conservation of charge, 301 
conservation of energy, 201 
conservation of mass, 44 
multiple proportions, 40' (Prob. 42) 
Lead storage battery, 294 
Le Chatelier's Principle, 236, 250 
uses, 236 

Levels, energy, 144 
Ught, 122 

emitted by hot tungsten, 1 24 
emitted by hydrogen atoms, 125 
a form of energy, 122, 125 
interaction with matter, 320 
spectrum, 123 
Linear complex, 403 
Line spectrum, 125 
Liquid- 

gas equilibrium, 228 
gas phase change, 75 
solid phase change, 73 
Lister, Joseph, 366 
Lithium 

bonding capacity, 177 
chemical properties, 114 
ionization, 158, 160 
isotopes, 136 
properties, 1 1 2, 333 
Lithium fluoride 
bonding in gaseous, 1 77, 330 
dipole in, 329 

phase change temperatures, 333 
Litmus 

color in acids, 95, 256 
color in bases, 95, 256 
Localized electrons, 337 
Lost child fable, 3 
Lucite, 369, 380 (Prob. 21) 

Lysozyme, 376 


Magnesium 

complex formation, 404 
compounds, 171 
electron configuration, 171 
ionic compounds, 171 
ionization energy, 1 59 


Magnesium (continued) 
metallic solid, 340, 344 
oxidation, 45 
preparation, 299, 300 
reducing agent, 296 
Magnetite, 405 
Manganese 

electron configuration, 395 
oxidation numbers, 401 
properties, 398 
Manganese dioxide 
in dry cell, 294 
Manometer, 7 
Manufacture of 
aluminum, 299, 300 
ammonia, 21, 237 
copper, 298 
diamond, 237 
ethanol, 357-358 
halogens, 383-384 
hydrogen, 69 
hydrogen chloride, 21 
magnesium, 299, 300 
methanol, 251 (Prob. 10) 
nitric acid, 52 (Prob. 9) 
sodium, 299, 300 
sodium carbonate, 54 (Prob. 28) 
sulfuric acid, 52 (Prob. 10) 
Many-electron atoms 
energy levels of, 150 
Mass 

of atom and its parts, 1 35 
conservation of, 44 
of electron, 129 
related to energy, 422 
Mass number, 135, 411 
Mass spectrograph, 41 1 
Mass spectrum of neon, 41 1 
Matter 

electrical nature, 90 
Measurement of gas pressure, 7 
of volume, 12 

Mechanism of reaction, 209 
CHaBr-f OH-,218 
decomposition of formic acid, 220 
ester formation, 427 
H 2 +CI 2 , 219 
H 2 +I 2 , 215 
S2082- + 2r,209 
Melting, heat of, 74 , 

Melting temperature, 74 
alkali elements, 112 
carbon halides, 186 
halogens, 115, 185 
hydrides, 187 

noble gases, 109, 113, 185 
sodium chloride, 75, 94 
table, 75 

transition elements, 398 
water, 75 

Mendeleev, Dimitri, 103 
Metallic 
alloys, 84, 340 


Metallic (continued) 
bond. 342 
elements, 340 
Metals 

alkali, see Alkali elements 
characteristic properties, 102, 340 
conductivity, 340 
electron behavior in, 342 
location in Periodic Table, 342 
properties explained, 102, 345 
structure, 343 
Methane 

properties, 70, 182, 336 
structural formula, 1 79 
Methanol, structural formula, 180 
Methyl 
acetate„362 
alcohol, 180 
group, 358 
orange, 365 
sulfide, 328 
Mica, 339 

Microwave spectroscopy, 322 
Millikan, Robert, 90, 411 
oil drop experiment, 90, 129 
Miscible, 254 
Model 

atomic structure, 140 
Bohr's hydrogen atom, 144 
electron-proton, 90 
gases, 9 

kinetic theory of gases, 61 
of molecules, 29, 30 
nuclear atom, 140 
particle, 9 

pressure of gases, 9 
Rutherford's atom, 140 
scientific method, 3 
staircase, 142 
See also Analogy. 

Molar concent/atlon, 86 
Molar heat 

of combustion, see Heat of combustion 
of fusion, 74-75 
of melting, see Fusion, heat of 
of vaporization, 76 
Molar mass, 32, inside back cover 
Molar volume, 57, 65, 70 
Molarity, 86 
Mole, 31 

calculations with, 34 
ratio, 36 

Molecular architecture, 330 
Molecular.crystal, 95 
Molecular dipole, 330 
Molecular formula, 30 
determination, 314 
Molecular inversion, 218 
Molecular shape, 330-333 
and van der Waals forces, 335 
Molecular size, and van der Waals forces, 
335 

Molecular solids, 337 
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Molecular structure 

experimental determination ot 312-327 
Molecular substances and van der Waals 
forces, 334-336 

Molecular velocities, distribution of, 61-65 
Molecular weight, see Molar mass 
Molecules, 10 
distance between, 65, 67 
energy of, 60 
models of, 29 
number of atoms in, 26 
polar, 329 
relative masses, 25 
Monomer, 367 
Monosaccharides, 372 
Motion, types of, 60, 202 
Multiple Proportions, Law, 40 (Prob. 42) 


n (principal quantum number), 145 
Names 

of common ions, App. 2 
Naphthalene, 328 (Prob. 17) 
Natural gas, 53 (Prob. 22) 

Negative charge, 90 
See also Electron. 

Negative ion, 93 
Neon 

boiling temperature, 109 
electron configuration, 155 
heat of fusion, 75 
heat of vaporization, 76 
ionization energy, 109 
mass spectrum 0^411 
melting temperature, 109, 110 
lights, 121 

Neopentane, properties, 336 
Net equation, 281 
Net ionic equation, 101, 258 
Network solid, 338 
and covalent bonds, 338 
diamond and graphite, 339 
one-dimensional, 340 
three-dimensional, 340 
two-dimensional, 340 
Neutral atom, 90 
Neutralization, 258 
Neutrino, 416 
Neutron, 135, 419 
diffraction, 321 
discov^of,419 
mass properties, 135 
ratio to proton, 135 
reaction with nucleus, 419 
relation to mass num^r, 135 
Nichrome, 346 
Nickel 

id{oysof,346 
complex ions, 403 
eiec^ conjuration, 395 
OT^Iatbn numbas, 401 
propeiies,^ 


Nickel carbonyl, 408 
Nitrate ion, 93 
Nitration, 364 

Nitric acid, manufacture, 52 (Prob. 9) 
Nitric oxide 

reaction with oxygen, 5 
solubility, 6 
Nitrobenzene, 365 
Nitrogen 

boiling temperature, 70 
bonding capacity, 177 
compounds, manufacture of, 237 
electron configuration, 155 
fixed, 237 

freezing temperature, 68 (Prob. 12) 
ionization energy, 159 
molar volume, 70 
production in U. S., 83 
reaction with hydrogen, 237 
trihalides, 52 (Prob. 8 ) 

Nitrogen dioxide, equilibrium, 228, 230, 
234 

Noble gases, 108 
In air, 83 

compounds of. 111 
crystal structure, 344 
discovery, 108 

electron population, 146, 155, 157 
properties, table, 109, 111 
stability of structure, 1 1 1 , 1 45 
Nomenclature 
common ions, App. 2 
Stock system, 307 
Nonmetals, properties, 102 
Normal boiling temperature, 79 
Novocaine, 368 
/?- Pentane, 182 
Nuclear 

atom model, 133 
binding energy, 422 
changes, 413 
charge, 136 
energy, 413, 422 
fission, 420 
forces, 418 
fusion, 420 

magnetic resonance, 324 
reactions, 41 3, 41 8 
reactor, 423 
stability, 421 
Nucleon, 414 
Nucleus, 135 

average radius, 138 (Prob, 1 1 ) 

Nuclide, 415 
Nylon, 370 

Observation and description, 2 
Octahedral complex, 403 
Octane, 54 (Prob. 24) 

OK molecules, reaction between, 177 
OH"’(aq), special role, 259 
Oil-drop experiment, 90 


Operational definition, 255 
Orbital diagram, 152-154 
Orbital representation of chemical bonding, 
148,174 
Orbitals, 145-155 
dand/,148,395 
molecular shape and, 148, 333 
overlap, 174 
p,148 

and Periodic Table, 151 
principal quantum number and, 145 
probability and, 145 
s,147 

Organic compounds, number of, 356 
Overall reaction, 193, 281 
Overlap and bonding, 174 
Oxidation, 281 
of alcohols, 359 
of aldehydes, 361 

of hydrogen chloride, 252 (Prob. 15) 
of magnesium, 45 
of methane, 45, 200 
of organic compounds, 359 
of sulfur, 198 

See elso Heat of combustion. 

Oxidation numbers, 305 
and acid strength, 388 
rules for assigning, 306 
transition elements, 401 
use in naming compounds, 307 
Oxidation potentials, 289 
table, 291, App. 4 
Oxidation-reduction reactions, 283 
balancing with half-reactions, 302 
balancing by inspection, 301 
spontaneous, 294 
Oxides, 102 
Oxidizing agent, 284 
Oxyacids 

of chlorine, 273-274, 388 
of phosphorus, 273-274 
of sulfur, 273-274 
Oxygen 

abundance in air, 83 
boiling temperature, 70 
bonding capacity, 177 
bonding in molecules, 184, 359 
double bond in, 184 
electron configuration, 154 
fluorine compounds, 177, 333 
freezing temperature, 68 (Prob. 12) 
ionization energy, 159 
isotopes, 136 
mass of atom, 136 
molar volume, 70 
molecule, 27 
partial pressure, 56 

preparation from KCIO 3 , 53 (Prob. 23) 
pressure-volume behavior, 11 
production in U. S., 83 
reaction with nitric oxide, 5 
solubility, 6 
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p orbitals, 148 
p^ bonding, 332 
p3 bonding, 332 
Packing in crystals, 343 
para Dichlorobenzene, 368 
Paraffin, 47 
paraPhthaiic acid, 369 
Parent element, 41 6 
Partial pressure, 56 
Particles, fundamental, table, 135 
/?- Pentane, 182 
properties, 336 
Pentane. 336 
Perchloric acid, 273, 388 
Periodic Table, 103-107, inside front 
cover 

and atomic number, 135 
and electron configuration, 1 55 
fourth row, 162 
historical development, 103 
hydrogen position in, 106 
and ionization energy, 106, 158 
Permanganate ion, reactions, 207 
Petroleum, 356 
pH, 263 

Phase change, 71 
liquid-gas, 75 
solid-liquid, 73 
solutions, 84 
uses, 71 

Phases, condensed. 73 
Phenol, 366 
Phosphoric acid 
/f^266 
structure, 274 

Phosphorous acid, 277 (Prob. 29) 
Phosphorus, 337 
red, 40 (Prob. 37) 

Photography, 389 
Photon, 1 25 
Photosynthesis, 195 
Physical changes, 71 
Pig iron, 407 
Pitchblende, 410, 425 
PlancK's constant, h, 125 
Plasma, 203, 421 
Plastics, 367 
Platinum 

catalyst, action of, 54 (Prob. 29), 222 
Plexiglas, 369 
Polar bond, 329 
Polar molecule, 329 
Polonium, discovery of, 410 
Polyamide, 375 
Polyatomic ion, 93 
Polyester, 369 
Polyethylene, 369 
Polymerization, 367 
types of, 369 
Polymers, 367 
biological, 373 
Polysaccharides, 373 


Polystyrene, 369 
Positive charge, 89 
See also Proton. 

Positive ions, 92, 130 
charge to mass ratio, 1 28-1 30 
Positron, 41 9 
decay, 422 
Potassium 

electron*bonfiguration, 163 
hydroxide, 95 
properties, 112, 114 
Potential energy, 72 
barrier, 213 

and bond distance, 174 
cart analogy, 72 
change to kinetic, 72 
and covalent bonds, 173 
diagrams, 213-221 
hydrogen atoms, 172 
and ionic bonds, 1 69 
and voltage, 289 
Potentials, half-cell 
measuring, 289 
standard, 291 
table, 291, 398, App. 4 
Precipitation, 244 
Predictions 

cell voltage from P's, 291 
of equilibrium conditions, 236 
of formation of precipitate, 244 
of heat of reaction, 198 
of new elements, 104 
Pressure 
atmospheric, 6 
cause, 9 

equilibrium constants, 253 (Prob. 20) 
of gases, 8 

and Le Chateiier's Principle, 236 

measurement, 7 

partial, 56 

standard, 7 

vapor, 76 

Pressure-temperature regularity, 58 
Pressure-volume regularity, 55 
of ammonia, table, 21-22 
of hydrogen chloride, table, 21 
of oxygen, table, 1 1 
Principal quantum number, n, 145 
Principle, Le Chateiier's, 236 
Propane, 181 
properties, 182, 336 

1 - Propanol, 361 

2- Propanol, 362 
Propionic acid, structure, 361 
Propyl alcohol, 191 (Prob. 23) 
Propylene, 191 (Prob. 24) 

Protein, 375 

helical structure, 376 
hydrogen bonds In, 378 
Proton, 90, 129 
and atomic number, 135 
charge, 90 


Proton (continued) 
discovery of, 129 
donation, 2^ 
mass of, 129 

relation to atomic number, 135, 137 
transfer, 264 
Purification 
by crystallization, 410 
by distillation, 85 
Pyruvic acid, 377 


Qualitative aspects of equilibrium, 227 
Quantitative aspects of equilibrium, 238 
Quantum number, 145 
Quantum theory, 140 
and the hydrogen atom, 145 
Quartz structure, 340 


Radioactive decay, 132, 415-417 
series, 41 7, 425 
types, 41 5 

Radioactive rays, 415 
Radioactivity, 131 
artificial, 420 
discovery, 131,410 
types of, 132 
Radiocarbon dating, 427 
Radium, 410 
Radius 

covalent, 385 
in halogens, 385 
ionic, 384-386 
van der Waals, 385 
Radon, properties, 109 
Randomness, 249 
Rare earth elements, 163 
Rate 

determining step, 210 
of dissolving, 230 
factors affecting, 207-210 
of opposing reactions, 230 
of reactions, 207 

Reaction heat, see Heat of reaction 
Reaction mechanism, 209, 218 
Reaction rates 
factors affecting, 207-210 
role of energy, 212 
Reactions 
acid-base, 95, 256 
acid catalyst, 220 
chain, 219 

chemical vs nuclear, 424 
endothermic, 43 
equations for chemical, 44 
equilibrium in, 227 
exothermic, 43 
half-cell, 280 
heat energy and, 192 
inversion, 218 
mechanism of, 209 
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Reactions (continued) 
nuclear, 413, 418 
oxidation-reduction, 278 
polymerization, 367 
predicting from F, 291 
redox, 281 

substitution, of benzene, 364 
Redox reaction, 281 
nonspontaneous, 297 
predicting from F values, 292 
spontaneous, 294 
undesirable, 296 
Reducing agent, 284 
Reduction, 281 
Regularities, search for, 3 
Repulsive forces in H 2 , 174 
Rbntgen, Wiiheim, 131 
Rotational motion, 202 
and microwave spectroscopy, 322 
Rubidium, 112 
Rusting, 296 

Rutherford, Ernest, 133, 416, 418 
Rutherford 
nuclear atom, 133 
radioactive decay, 416 
scattering experiment, 131, 133 

s orbitals, 147 
sp bonding, 331 
sp^ bonding, 332 
sp^ bonding, 332 
Salicylic acid, 366 
Salt. 95 

Salt bridge, 279 
Saran, 369 
Saturated 

hydrocarbons, 182, 357 
solutions, 88 
Scandium 

electron configuration, 1 63, 395 
oxidation numbers, 401 
properties, 104, 398 
Scattering of alpha particles, 133 
Science 

activities of, 1, 16 
communication of information, 10 
"Sea" of electrons, 342 
Second-row elements, bonding capacity, 
177 

Separation of charge, 330 
Separations 
by crystallization, 410 
by distittation, 85 
by liquefaction, 83 
Shapes of second-row fluorides, 330 
SHfca,339 
dissolves In HF, 391 
Silicates, 340-341 
Silicic acid, 273 

WOQXi. 

compounds, of, 273, 340 
ciV!^^niCttire,338 
iom 2 !ati(m energy, 159 


Silver 

complex with ammonia, 240 
nitrate, 93 
Slag, 407 

Soddy, Frederick, 41 6 
Sodium 

crystal structure, 344 
electron configuration, 157 
heat of fusion, 75 
heat of vaporization, 76 
Ionization of, 92 
metallic solid, 111, 340 
preparation, 299, 300 
properties, 112 
Sodium acetate, 271 
Sodium carbonate 
a base, 258 

manufacture of, 54 (Prob. 28) 

Sodium chloride 
crystal, 94, 348 
electrolysis of, 299, 300 
heat of fusion, 75 
heat of vaporization, 76 
melting temperature, 94 
structure, 94 

Sodium hydroxide, 95, 258 
Sodium thiosulfate, 390 
Solar radiation, 204 (Prob. 4) 

Solder, 346 
Solids 

concentration of in equilibrium expres- 
sions, 242 

electrical conductivity of, 337 
ionic, 94 

and liquids, bonding in, 333 
metallic, 340 
molecular, 95, 337 
network, 338 

solid-liquid phase change, 73 
solutions, 84 
Solubility, 86-88, 96 
alkali compounds, 97 
alkaline earth compounds, 97 
aluminum hydroxide, 254 (Prob. 32) 
ammonium compounds, 97 
bromides, 97 

cadmium sulfide, 253 (Prob. 23) 
carbonates, 97 
chlorides, 97 

common compounds, table, of, 97 

'dynamic nature, 230 

electrolytes in water, 95-96 

equilibrium, 242 

gases, 5 

hydroxides, 97 

iodides, 97 

iodine in ethyl alcohol, 228 
ionic solids in water, 96, 348 
phosphates, 97, 242 
product, table, of, 243 
qualitative, 96 
quantitative, 242 
range, 88 


Solubility (continued) 
silver chloride, 88 (Prob. 27), 253 
sodium chloride, 88 
strontium carbonate, 253 (Prob. 26) 
sulfates, 97 
sulfides, 97 
sulfites, 97 
table of, 97 
Soluble, 84 
Solute, 84, 97 
Solutions 

behavior during phase change, 84 

expressing concentration of, 86 

gaseous, 83 

liquid, 84 

preparation, 86 

saturated, 88 

solid, 84 

variations of properties, 88 
Solvent, 84, 97 

role in acid-base reactions, 258 
Solvent properties and dipoles, 348 
Spectator ions, 258 
Spectograph, 123 
mass, 41 1 

Spectroscopy, 322-324 
Spectrum, 1 23 
atomic hydrogen, 125, 143 
light, 124 
Spontaneous 

endothermic reactions, 248 
exothermic reactions, 246 
redox reactions, 294 
Square planar complex, 403 
Stability 

origin of bond, 167 
Stainless steel, 346, 407 
Staircase analogy, 143 
Standard half-celt, 289 
Standard oxidation potentials 
table, 291, App. 4 
Standard pressure, 7 
Standard temperature, 7 
Starch, 373 
structure, 374 
Stationary states, 144 
Station-wagon analogy, 246 
Steel 
slag, 407 

varieties of, 346, 407 
Stock system of naming, 307 
Storage batteries 
lead, 294 

used in satellites, 295 
STP,7 

Strong acid, 257 
Structural formula, 31, 314 
of complex ions, 402 
Structural isomers, 1 81 
Structure, determination, 313 
Styrene, 368 

Sublimation, 79, 254 (Prob. 35) 
Substance, pure, 83-84 
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Substitution reactions of benzene, 364 

Substrate, 376 

Sucrose, 371 

Sugars, 371 

Sulfur 

electron configuration, 171 
ionization energy, 105, 159 
oxyacids, 273 
structure, 337 
Sulfur dioxide, 70 
Sulfuric acid 

manufacture, 52 (Prob. 10) 
structure, 274 

Sulfurous acid, Ka, 266 (Prob. 8) 

Sulfur tnoxide 

heat of formation, 252 (Prob. 12) 

Sun, data on, 424 
Symbols 

chemical, 28, inside back cover 
not from common names, table, 28 
used in this book, 436 
System 
closed, 228 

homogeneous and heterogeneous, 83 

Ti/ 2,417,425 
Taconite, 405 
Teflon, 369, 391 
Temperature, 60, 249 
absolute, 57 
Celsius, 57 

effect on equilibrium, 234 
on gas pressure, 58 
on gas volume, 56 
on rate, 21 0 
on vapor pressure, 78 
Kelvin, 57 

kinetic energy and, 60 
Le Chateller's Principle and, 236 
Tetrahedral geometry, 332, 403 
Tetrathionate ion, 392 
Theory, 4, 17 
Arrhenius, 256 
atomic, 27 

Br^nsted' Lowry, 264 
collision, 208 
kinetic, 61, 71 
Thermal equilibrium, 59 
Thermite reaction, 205 (Prob. 15) 
Thermometers, 59 
Thiosulfate ion, 392 

Third-row elements, acid-base properties, 
272 

Thomson, J. J., 128, 411 
Thomson model of atom, 1 30 
Threshold energy, 21 1 
Titanium 

electron configuration, 395 
oxidation numbers, 401 
production, 52 (Prob. 13) 
properties, 398 
Titration 
acid-base, 262 


7Va/)s-isomers, 402 
Transition elements, 163, 394 
complex ions of, 401-404 
electron configuration, 1 63, 395 
oxidation numbers, 401 
properties, 397 
Translational motion, 60, 202 
Transuranium elements, 421 
Tribromoethyl alcohol, 328 
Trinitrotoluene, 368 
Triple bond, 184 
Tritium, 424 

Tungsten carbides, 40 (Protr. 38) 

Ultraviolet light, 124, 322 
Uncertainty in science, 12-16 
in derived quantities, 14, 15 
in measurement, 12, 13 
Unpaired electrons, first 10 elements, 177 
Unsaturated, hydrocarbons, 183, 357 
Uranium 

compounds, 132, 410 
properties, 398 

Valence, electrons, 161 
Vanadium 

electron configuration, 395 
oxidation numbers, 401 
van der Waals forces, 334 
elements that form molecular crystals 
using, 337 

factors determining size, 335 
and molecular shape, 335 
and molecular size, 335 
and number of electrons, 335 
van der Waals radii, 385 
halogens, 384 
Vanillin, 368 

Vaporization, molar heat of, 76 
Vapor pressure, 76-79 
Vector addition, 332 

Velocity of atoms and molecules, 61 , 65, 67 
distribution, 61 
escape, 65 
Vinyl alcohol, 358 
Viruses, 376 

Visible light spectroscopy, 322 
Voltage, 288-289 
Voltmeter, 290, 297 
Volts, 286 
Volume 
molar, 65, 70 
relation to pressure, 55 
relation to temperature, 56 

Walton, E., 419 
Water 

as an acid, 265 
as a base, 265 
concentration of, 259 
concentration in. equilibrium expres- 
sions, 241 
cooling curve, 86 


Water (continued) 
decomposition, 43 
density, 18 (Prob. 10) 
electrolysis, 43 
formation of, 41 
and OH", 259 
heat of fusion, 75 
heat of vaporization, 76 
heating curve, 85 
liquid-gas phase change, 75 
model of molecule, 29 
molar volume, 71 
reaction with alkali etements, 114 
solid-liquid phase change, 73 
solubility of ionic solids in, 97 
solution, electrical conductivity, 92 
vapor density, 68 
vapor pressure, 78 
as a weak electrolyte, 259 
Water gas, 192-194 
heat effects in manufacture of, 194 
Watt, unit, 309 (Prob. 11) 

Wave function, 145 
Wavelength of light, 123 
relation to frequency, 137 (Prob. 2) 
Waves, 123, 144 
Weak acid, 257 
Werner, Alfred, 402 
Wondering why, 8 

Xenon, 109 
compounds of. Ill 
X rays, 131 
diffraction, 321 
wavelength, 132 

Z (atomic number), 137 
Zinc 

complex with ammonia, 294 
complex chloride, 403 
electron configuration, 163, 395 
oxidation of„296 
oxidation numbers, 401 
properties, 398 



IISITERMATIOMAL MOLAR MASSES 


mm^ 

■MpOL 

ATOMIC 

NUMBER 

MOLAR 

MASS 

Actinium 

Ac 

89 

(227) 

Aluminum 

Al 

13 

27.0 

Americium 

Am 

95 

(243) 

Antimony 

Sb 

51 

121.8 

Argon 

Ar 

18 

39.9 

Arsenic 

As 

33 

74,9 

Astatine 

At 

85 

(210) 

Barium 

Ba 

56 

137.3 

Berkelium 

Bk 

97 

(247) 

Beryllium 

Be 

4 

9.01 

Bismuth 

6i 

83 

209.0 

Boron 

B 

5 

10.8 

Bromine 

Br 

35 

79.9 

Cadmium 

Cd 

48 

11Z4 

Calcium 

Ca 

20 

40.1 

Californium 

Cf 

98 

(251) 

Carbon 

C 

6 

12.01 

Cerium 

Ce 

58 

140.1 

Cesium 

Cs 

55 

132.9 

Chlorine 

Cl 

17 

35.5 

Chromium 

Cr 

24 

52.0 

Cobalt 

Co 

27 

58.9 

Copper 

Cu 

29 

63.5 

Curium 

Cm 

96 

(248) 

Dysprosium 

Dy 

66 

162.5 

Einsteinium 

Es 

99 

(254) 

ErtHum 

Er 

68 

167.3 

Et^opium 

Eu 

€3 

152.0 

Fermium 

Fm 

100 

(253) 

Fluorine 

F 

9 

19.0 

Francium 

Fr 

87 

(223) 

Oadotinium 

Gd 

64 

157.2 

GalKum 

Ga^ 

31 

69.7 

Germanium 

Ge 

32 

72.6 

Gold 

Au 

79 

197.0 

Hafnium 

Hf 

72 

178.5 

Helium 

He 

2 

4.00 

H^mium 

Ho 

67 

164.9 

Hydrogen 

H 

1 

tOOB 

Indium 

In 

48 

im 

Iodine 

i 

53 

126.9 

Iridium 

Ir 

77 

1921 

Iron 

Fe 

25 

ms 

Krypton 

Kr 

36 

834 

Lanthanum 

La 

57 


Lawrencium 

Lw 

103 

im 

Lead 

Pb 

82 

mrs 

Lithium 

U 

3 

6.94 

Lutetium 

Lu 

7t 

176.0* 

Magnesium 

Mg 

12"^' 


Manganese 

Mn 

25 

S4j9 

Mendelevium 

Md 

101 

m) 


NAME 


Mercury 

Molybdenum 

Neodymium 

Nerm 

Neptunium 

Nickel 

Niobium 

Nitrogen 

Nobelium 

Osmium 

Oxygen 

Paliadium 

Phosphorus 

Platinum 

Plutonium 

Polonium 

Potassum 

Praseodymium 

Promethium 

Protactinium 

Radium 

Radon 

Rhenium 

Rhodium 

Rubidium 

Ruthenium 

Samarium 

Scandium 

Selenium 

Silicon 

Silver 

Sodium 

Strontium 

Sulfur 

Tantalum 

Technetium 

Tellunum 

Terbium 

Thallium 

Thorium 

Thulium 

Tin 

TSbWittp 

Vioaiim 

Xetm 

Vttobhdn 

Yttrium 

ISo#’ 

Brepnkim 

{urmaimecQ 


* Discovery reported in 1964. 

Molar ma^ based on f 12.000. 

Numbers in parentheses give the mass turmbef of the mo# Isotope. 


SYMBOL 


ATOMIC 

NUMBER 


MOLAR 

MASS 


Hg 

80 


Mo 

42 

95.9 

Nd 

60 

144.2 

Ne 

10 

20.2 

Np 

93 

(237) 

Ni 

28 

58.7 

Nb 

41 

92.9 

N 

7 

14.01 

No 

102 

(253) 

Os 

76 

190.2 

0 

8 


Pd 

46 

106.4 

P 

15 

31.0 

Pt 

78 

195.1 

Pu 

94 

(242) 

Po 

64 

210 

K 

19 

39,1 

Pr 

59 

140.9 

Pm 

61 

(145) 

Pa 

91 

(231) 

Ra 

88 

(226) 

Rn 

86 

(222) 

Re 

75 

186.2 

Rh 

45 

102.9 

Rb 

37 

85.5 

Ru 

44 

101.1 

Sm 

62 

150.4 

Sc 

21 

45.0 

Sa 

34 

79.0 

Si 

14 

28.1 

Ag 

47 

107,9 

Na 

11 


Sr 

38 

87.6 

S 

16 

32.1 

Ta 

73 

180.9 

Tc 

43 

(99) 

Te 

52 

127^ 


65 

158.9 

Tl 

81 

204.4 

Th 

90 

232.0 

Tm 

69 

168i 

Sn 

50 

118L7 

Tl 

22 

47,9 

W 

74 


U 

92 

ms 

V 

23 

m 

Xe 

54 


Yb 

70 

I'm 

Y 

39 

98J 

Zn 

30 

^.4 

Zr 

40 

91.2 

? 

104 

(260) 














